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Preface 



* 

The present work is designed to provide a practical introduction to 
aqueous equilibrium phenomena for both students and research 
workers in chemistry, biochemistry, geochemistry, and interdisciplin- 
ary environmental fields. The pedagogical strategy I have adopted 
makes heavy use of detailed examples of problem solving from real 
cases arising both in laboratory research and in the study of systems 
occurring in nature. The procedure starts with mathematically 
complete equations that will provide valid solutions of equilibrium 
problems, instead of the traditional approach through approximate 
concentrations and idealized, infinite-dilution assumptions. There is 
repeated emphasis on the use of corrected, conditional equilibrium 
constants and on the checking of numerical results by substitution in 
complete equations and/or against graphs of species distributions. 
Graphical methods of calculation and display are used extensively 
because of their value in clarifying equilibria and in leading one 
quickly to valid numerical approximations. 

The coverage of solution equilibrium phenomena is not, however, 
exhaustively comprehensive. Rather, I have chosen to offer funda- 
mental and rigorous examinations of homogeneous step-equilibria 
and their interactions with solubility and redox equilibria. Many 
examples are worked out in detail to demonstrate the use of equi- 
librium calculations and diagrams in various fields of investigation. 
Over 100 other exercises are included, most with answers and hints for 
solution. I have tried to bridge the gap between the oversimplified 
treatment in general and analytical chemistry texts and the complexi- 
ties of the advanced presentations of multiple competing equilibria 
in real systems found in the books by Butler, Garrels and Christ, 
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and Stumm and Morgan (see the Bibliography, Appendix A-6). 
Students and workers in modem biology and geology as well as 
in chemistry need more help than these works offer in using equi- 
librium calculations to deal correctly with important aqueous 
systems. In this emphasis, this book differs from other works in 
that they are directed more toward chemical analysis, often giving 
scant coverage to the earth and biosciences and to applications to 
nonideal solutions. 

The present book differs also in its inclusion of varied pH dia- 
grams, graphical solution methods, details of Gran plots, and the 
construction of £-pH diagrams. Descriptions of Gran (linear titration) 
plots in the literature often do not make clear their limitations in 
precisely those cases in which we want most to use them : extremes 
at which the approximate equations used to derive the linear functions 
do not apply. Finally, it is my hope that the gradual introduction of 
the complexities affecting solubility found in Chapter 10 will prove 
helpful in dealing with this difficult topic. 

Throughout, I have attempted to adhere closely to standard 
IUPAC symbolism, as exemplified in the volumes of Stability 
Constants (see the Bibliography, Appendix A-6). The chief exception 
is in the use of acidity constants rather than the proton formation 
constants of anions ; I do this because it seems still to be predominant 
usage, though I hope this will change. 

I realize that many who are familiar with equilibrium calculations 
will find the complete equations, the log ratio, log a, log C, and n 
diagrammatic methods new and strange. Nonetheless, I hope that 
they will persist in looking through this study, to discover how great 
are the gains in clarity and assurance when using these methods in 
preference to the guesswork of more traditional approaches. 

The preparation of the large number of a, log a, and it diagrams 
was facilitated by use of an X-Y plotter and a computer program 
compiled by Dr. C. C. Ross, Jr., Mathematics Department, Director 
of Academic Computing, University of the South (see Appendices 
A-2-A-4). It seemed best not to retouch the small discontinuities, 
which arise from tolerances in the computation program and plotter 
in these plots. 

I record my gratitude for the encouragement of many 
colleagues and for the inspiration of the writers of the books listed 
in the Bibliography, Appendix A-6. I thank the University of the 
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South for according to me a sabbatical in 1974-75 for the completion 
of the book. 



„ „ William B. Guenther 

Sewanee , lennessee 

August 1975 
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Electronic Structure 
in Aqueous Acid— Base 
Chemistry 



1 . The Proton in Compounds 

Modern theory supports the view that chemical change in matter is 
the process of rearrangement of negative electron clouds and positive 
atomic kernels to form a more stable mutual relation. The lightest 
element, hydrogen, is unique. All others retain a core of inner electrons 
throughout their reactions. But the core of hydrogen is only a proton. 
It is about 10 ~ 5 the diameter of the lithium ion Li + . Thus, the special 
ion H + has exceptionally high positive charge density, the charge per 
unit volume. It associates with electron clouds in any matter available. 
Other ions, like the Li + , can exist as entities in some crystal lattices, 
while no substances contain H + as a separate entity or ion unit. It is 
important to be clear from the start about the vastly different species 
formed by hydrogen (Figure 1-1). When we speak of hydrogen ion 
and hydrogen compounds, we shall almost always mean the proton 
contained in an electron pair cloud as shown in the H 3 0 + scheme in 
Figure 1-1. For a full discussion of evidence and the unique features 
of proton chemistry see Chapter 5 in the book by Bockris and Reddy. 1 

In water, compounds having acidic protons (Bronsted acids) 
form hydronium H 3 0 + and higher hydrates, in which the proton is 
embedded in an unshared electron cloud on a water oxygen. Under 

'J. O. Bockris and A. K. N. Reddy, Modem Electrochemistry, Plenum Press, New 
York, 1970, Vol. 1, Chapter 5, “Protons in Solution.” 
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H 3 ° 



Figure 1-1. Drawings to scale of the forms of hydrogen, (a) The hydride ion, 
a proton with two electrons, (b) The hydrogen atom, a proton with one electron. 

(c) The hydrogen molecule, two separated protons in a cloud of two electrons. 

(d) The hydrogen core, or H + ion, a proton, (e) The hydronium ion, oxygen 
with four electron cloud pairs, three of which are protonated in H 3 0 + . 



common conditions only the first row elements from B to F, and a 
few others like S, can hold protons in water. In addition, the three 
smallest, N, O, and F, exhibit the phenomenon of “hydrogen bonding,” 
which accounts for the unusual properties of water and many com- 
pounds of these elements. 

The normal covalent bond, not the hydrogen bond, between 
other atoms and hydrogen differs from all other bonds in that the 
proton merges almost completely with a cloud on the other atom. 
This makes our traditional bond formulas of these compounds mis- 
leading. Let us compare HF and LiF in several formulations : Lewis 
dot structures (Figure l-2a), electron pair cloud (tangent sphere) 
models (Figure l-2b), and contour plots of electron cloud densities 
calculated with molecular orbital theory (Figure l-2c). The orbital 
spheres in Figure l-2b agree with the densities in Figure l-2c far 
better than does the dot picture, Figure l-2a. Ball-and-stick models 
are also seriously misleading with the hydrogen compounds. 

The ability of protons to migrate from cloud to cloud among the 
highly electronegative atoms is a major feature of acid-base chemistry. 
In water solution, a Bronsted acid, like HF, may donate protons to 
water molecules. A Lewis acid, like A1(H 2 0) 3+ , can be seen to act 
like the Bronsted acids. The actual Lewis acid Al 3+ withdraws 
electron cloud from the attached water molecules and also repels the 
H + , which then jumps to neighboring water molecules. Either action 
increases the concentration of H 3 0 + and decreases the concentration 
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0 HR Li + :R 






Figure 1 -2. (a) Lewis dot structures for LiF and HF. (b) Electron pair cloud (tangent sphere) 
models of LiF and HF. [See H. A. Bent, J. Chem. Ed. 40, 446 523 (1963).] (c) Contours of electron 
charge density calculated for LiF and HF. Inner contour is for 0.2 and the outer is for 0.002 
atomic unit (6.7 e/A 3 ). This shows the ionic nature of LiF, while the nuclei of HF are both within 
the same inner cloud. [See R. F. Bader, W. H. Henneker, and P. E. Cade, J. Chem. Phys. 47, 
3381 (1967); 49, 1653 (1968); and A. C. Wahl, “Chemistry by Computer,” Sci. Am. 1970 (April).] 



of OH~. The donor-acceptor nature of the solvent is central to our 
view of acid-base chemistry in water solutions. 

Acid-base concepts share some features with seemingly different 
types of interactions: complexing, precipitation, and even redox. 
Comparison of these through theories of Bronsted, Lewis, Usanovich, 
and Lux-Flood extends our use of the electronic interpretations of 
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Figure 1-3. Electron pair cloud models of binary 
hydrogen compounds arranged according to the position 
of the kernel element in the periodic table. The inner 
sphere is the kernel with its net positive charge shown. 
The other spheres are the tetrahedral ( sp 3 ) clouds of 
spin-paired electrons. The dots represent the protons 
embedded within electron clouds. These protons are 
actually too small to put to scale. Features to note: 
(1) The protons move farther from the nucleus as the 
kernel charge increases. The molecule becomes more 
acidic toward water. (2) The cloud size (from covalent 
radii) becomes smaller as the kernel charge increases, 
and larger as distance from the nucleus increases while 
kernel charge is held constant from HF to HI. (3) Two 
factors affect acidity, kernel charge, from CH 4 to HF, 
and cloud size, from HF to HI. The compact cloud of 
HF can bind the proton better than the diffuse cloud 
of HI. 




chemistry. Huheey surveys these theories. 2 Introductory surveys of 
structural and theoretical principles are available. 3,4 

Figure 1-3 shows the competing effects of nuclear repulsion and 
electron cloud attraction for a proton in binary hydrogen compounds. 

2 J. E. Huheey, Inorganic Chemistry , Harper and Row, New York, 1972, Chapter 6. 
3 G. M. Barrow, General Chemistry , Wadsworth Publishing Co., Belmont, California, 
1972, Chapters 7 and 11, “Structure” and “Equilibria.” 

4 Henry A. Bent, The Second Law , Oxford University Press, New York, 1965, Chapter 
32, “Thermodynamics of Acid-Base Reactions.” 
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2. The Oxy-Acid— Bases 

The same arguments concerning size and charge effects in the 
binary hydrogen compounds of Figure 1-3 apply to the major class of 
acid-bases, the oxy-acid-bases. In these, a protonated oxygen is 
attached to other atoms, usually electron-withdrawing atoms or 
groups. The more withdrawing, the more acidic the proton, the more 
favorable is its transfer to the oxygen cloud on a water molecule, for 
example, compare sulfate(IV) and sulfate(VI) acids : 



H-O— S -> 0| 
- I - 
| O— H 

weak acid 



J? 1 _ 

H-O— S — ► 0| 
| O — H 

strong acid 



H 2 S0 4 has one more coordinated oxide than H 2 S0 3 . This withdraws 
more electron cloud from the S, and through it, from the OH groups. 
Another way to approach this is to note that the oxidation state of S 
is six in H 2 S0 4 , so that the more exposed positive kernel of the S 
withdraws cloud more strongly from OH groups than does S(IV). 
Similar reasoning can be applied to other series, for example : 

Acid HOCl HOCIO H0C10 2 HOCIO, 

p K a 7.5 2.0 strong strong 

Carboxylic acids have the withdrawing coordinated oxide also, 

R-C ->■ 0| 

| O— H 

The p K a is 4-5 when R is aliphatic. But if other withdrawing groups 
are added in R, acidity increases : 

Acid acetic chloroacetic dichloroacetic trichloroacetic 

pK„ 4.76 2.86 1.3 0.7 

Thus we see that for most acids in water, the proton shifts between 
electron clouds on oxygen in water and in other molecules with 
slightly different environments. 
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3. Brensted Acid— Base Pairs versus "Hydrolysis" 

Metal ions in solution are truly oxy-acids. Many of these have 
large kernels and use d 2 sp 3 orbitals for six-coordinate bonding. They 
can hold H 2 0 as well as OH - or O 2- of the smaller oxy-acids. Ions 
like Fe 3+ strongly hold six water molecules and withdraw electron 
cloud from the oxygen. This produces acid behavior in no way 
different from that of the other acids we have considered, 

Fe(OH 2 )g + + H 2 0 Fe(H 2 0) 5 0H 2+ + H 3 0 + 

K a = 7 x 1CT 3 

Thus, the ferric ion is considerably more acidic than acetic acid. 
Dilute ferric solutions are often yellow due to the hydroxopentaquo 
ion. Addition of HN0 3 or HC10 4 shifts the equilibrium to the left, 
giving the pale violet hexaquo ion. 

Note that we do not ever need to refer to “hydrolysis” to explain 
acid-base behavior in water. It only confuses the issue. All the 
Bronsted acids and bases follow identical patterns of proton transfer. 
There is no chemical reason to call some of these examples dissociation 
and some hydrolysis : 

Acids : HX + H 2 0 H 3 0 + + X - 

HF + H 2 0 H 3 0 + + F~ 

nh; + h 2 o h 3 o + + nh 3 

hso 4 + h 2 o h 3 o + + SO r 

Fe(H 2 0)g + + H 2 0 H 3 0 + + Fe(H 2 0) 5 0H 2 + 

Bases: B + H 2 0 ^ OH - + HB 

nh 3 + h 2 o oh + nh 4 

cor + H 2 0 OH - + HCOj- 

HC0 3 - -I- H 2 0 OH“ + H 2 C0 3 

Each acid has a conjugate base lacking one proton, and each base has 
a conjugate acid having one added proton. Thus, we speak of an 
acid-base pair, since they must exist together at equilibrium. 

The relative strengths of acid-base pairs have been estimated 
and are shown diagrammatically in Figure 1-4. An acid can protonate, 
to an equilibrium concentration, the conjugate base of any acid below 
it. Thus, the strong acids protonate water to give H 3 0 + , and the 
strong bases are protonated by water to form OH - . Further discus- 
sions of these large topics can be found in general texts and in the 
references cited in footnotes 1-4 as well as in the figure legends. 




weaker acids 
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Proton donors Proton acceptors 

Occupied levels Vacant levels 




Figure 1 -4. Aqueous proton levels shown as free energy levels. [See Henry A. 
Bent, The Second Law, Oxford University Press, New York, 1965, Chapter 32 ; 
and R. W. Gurney, Ionic Processes in Solution, McGraw-Hill, New York, 
1953 (reprinted Dover, 1962), p. 133.] 



weaker bases 
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Problems 5 

1. Classify the following substances as to their behavior in dilute water solutions as 
strong acid or base, weak acid or base, practically neutral. Use Figure 1-4 and 
analogies based on the periodic table : 

HBr, KOH, KBr, KNH 2 , C 4 H 7 OOH (butyric acid), NH 4 N0 3 , Ca(C 2 H 3 0 2 ) 2 , 
CrCl 3 6H 2 0 

2. Write chemical equations for the net ionic reactions occurring when : 

a. Trisodium phosphate in water produces a very basic solution. 

b. Dilute solutions of ammonium chloride and sodium hydroxide are mixed. 

c. Ammonia acts weakly acidic when passed into saturated NaOH aq . 

d. Acetic acid can be a base (proton acceptor) in pure liquid H 2 S0 4 . 

e. Strong acids form H 3 O aq in water, and NH 4 in liquid NH 3 . 

f. Sodium reacts with either water or methanol to give H 2 gas. What might be the 
self-ionization reaction of methanol ? 



3. Each of these groups is arranged from the strongest to the weakest acid in water 
solutions. Draw Lewis dot structures and explain these trends on the bases of size 
and charge effects. 

a. H 2 Te, H 2 Se, H 2 S, H 2 0. b. H 2 C0 3 , H 2 Si0 3 . 

c. HOC1, HOBr, HOI. d. HN0 3 , HN0 2 , H 2 C0 3 , HB0 2 . 

4. When solutions of Fe(III) compounds are mixed with solutions of Na 2 C0 3 , 
NaHC0 3 , or NaC 2 H 3 0 2 , similar precipitates of hydrated ferric oxide [“Fe(OH) 3 ”] 
form. Explain. 

5. Each of the following groups is arranged from strong to weak acid. Explain the 
opposite trends. H 2 Te, H 2 Se, H 2 S; and H 2 S0 4 , H 2 Se0 4 , H 2 Te0 4 . 

6. When solutions of chromium(III) nitrate and potassium bicarbonate are mixed, 
a gas bubbles off and a light-green precipitate forms. Write a net ionic equation and 
explain the acid-base reactions. 



5 The problems after most chapters will be divided into two or three groups : (a) up to the 
single line: drill on basic ideas and operations; (b) from the single to the double line: 
more advanced or more complex situations ; (c) after the double line : applications to 
special fields, not necessarily more difficult than sets (a) or (b). 





Chemical 

Equilibrium Relations 
and the pH System 



1. The Equilibrium Constant 

Chemists developed sufficiently sensitive methods of analysis in the 
19th century to discover that many reactions “stop” somewhere 
short of completion. Berthelot and St. Gilles in 1862 showed that 
esterification reaches such a limit : 

ethanol + acetic acid ^ ethyl acetate + water 

Their experimental yields for various mixtures were later shown to 
give a roughly constant quotient of the form 

[ethyl acetate] [water] 

[ethanol] [acetic acid] 

From a modern reinvestigation of this equilibrium without strong 
acid catalysts present, 1 the two experiments summarized in Table 2-1 
demonstrate how different mixtures achieve this quotient after 
reacting until an equilibrium state is reached. The figures are given on 
the basis of 100 moles of materials (mole percentage) at 25°C. Note 
that even though the proportions differ, the quotient at equilibrium 
is about the same. (The medium here is not a dilute water solution, and 
the quotients found did differ with the medium, varying from 1.9 to 
4.6; see reference cited in footnote 1.) 

‘A. Darlington and W. B. Guenther, J. Chem. Eng. Data 12, 605 (1967). 
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Table 2-1 















Moles of 




HA 


EtOH 


^ EtA 


h 2 o 


Q 


each shifted 


Experiment 1 
Moles taken 


0 


8.68 


2.58 


88.7 




1.8< — 


Moles at equilibrium 


1.80 


10.47 


0.785 


86.9 


3.62 


Experiment 2 
Moles taken 


9.43 


18.6 


41.4 


30.6 




3.4< — 


Moles at equilibrium 


12.9 


22.0 


37.9 


27.2 


3.63 



An example with simpler numbers will clarify these equilibrium 
shifts. Table 2-2 is for a hypothetical case of Q about 9. No matter 
what proportions are taken to start, the changes linked by the reac- 
tions proceed until the Q value is attained. This is a statement of the 
“law of mass action,” which was formulated by Guldeberg and Waage 
in 1865. Van’t Hoff in 1877 gave the kinetic explanation that such a 
relation must follow if rates of opposing reactions become equal 
when the equilibrium concentrations are reached. 

The mathematical form of the mass action law for a general 
reversible chemical reaction 

uA T bB T * * • t — - xX -I - yY -I- * • • 



is 



K 



o 

eq 



(X )*( Yf • • • 
(Af(B) 6 • • • 



( 2 - 1 ) 



Table 2-2 





A 4- 


B C + 


D 


Q 


Moles of 
each shifted 


1. Start 


0 


0 


4 


4 






At equilibrium 


1 


1 


3 


3 


9.0 


1<- 


2. Start 


4 


4 


0 


0 






At equilibrium 


1 


1 


3 


3 


9.0 


3— ► 


3. Start 


1 


1 


2 


6 






At equilibrium 


1.1 


1.1 


1.9 


5.9 


9.2 


0.1 « — 




Equilibrium Relations and the pH System 



11 



Strictly constant values for this quotient are obtained only at constant 
temperature and pressure and by use of the thermodynamic activity 
for each term in the mass action expression (2-1). This is related to 
molarity in the solution by 

activity of solute species A = (A) = /[A] (2-2) 



Parentheses indicate activity and brackets indicate molarity. The 
activity coefficient / depends upon the nature of the medium as well as 
upon A. For ionic species of small radius (2-5 A), the Debye-Hiickel 
expression for / is valid in dilute solutions : 

, — 0.509z 2 v /7 

log / = (2-3) 

1 + 



Here, z is the charge on the ion and / is the ionic strength of the 
medium, defined as half the sum of cz 2 for all the ions present : 

1 = \ Z c i z f I 2 - 4 ) 

Here c t is the concentration of ion i. Un-ionized molecules are 
assumed to have / = 1, and to be rather unaffected by ions around 
them. Equation (2-3) is fairly useful up to ionic strength about 0.1 M. 
As / approaches zero, / approaches 1 and the activity approaches the 
molarity. Only when / is less than about 0.001 M can molarities be 
used for activities without errors greater than several percent. In the 
calculations of this book, we shall follow the practice of obtaining a 
corrected, conditional, equilibrium constant for the ionic strength 
required. Then molarities can be used (but only for that one ionic 
strength). The conditional constant K is obtained from published 
activity constants K° as follows. From Eqs. (2-1) and (2-2), 

KO _ (/*[X])*(/j,[Y]) y • • • 

eq (fa[A])°(f b m b --- 

At constant ionic strength, the / values are constant. We collect all the 
constant terms to form the conditional constant : 



K = K o f:n • • • = [x]*[Y] y • • • 

e<i f X J y y--- [A] a [B] b • • • ( ^ 

The obtaining and use of numerical values for these K’s will be 
demonstrated in example problems to follow as the need arises. 
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Activity coefficients are found in Appendix A-l, Tables A-l and A-2, 
and in Kielland 2 and Hamer . 3 



2. Water 



For a complete description of acid-base equilibria in water, one 
must include the acid-base behavior of the solvent itself : 

H^Th^O H s O + + OH - (2-7) 

Protons can move from the cloud on one oxygen to that on a neigh- 
boring oxygen. The acid species formed is highly hydrated beyond the 
H 3 0 + to form some H 5 0 2 , H 7 Oj, and H 9 O 4 , the last being the most 
abundant. A more general equation is then 

H 2 0 + nH 2 0 ^ H + (H 2 0)„ + OH - 



At a given moment, about two billionths of the water molecules are 
in the ionic form on the right, that is, 10 - 7 mol out of the 55.5 mol in a 
liter of water. The equilibrium constant for this self-ionization is 



K 



o 

eq 



(H + (H 2 0)„)(QH-) 

(H 2 0 )" +1 



( 2 - 8 ) 



We take the activity of pure water as 1 and obtain the conventional 
ion product constant for the self-ionization of water, 

K° w = (H a + q )(OH - ) = / + /_[H + ][OH - ] (2 9) 

K w = [H a + q ][OH - ] = K°// + /_ = HOH 

Here we have written [H a q] for the sum of all forms of hydrated pro- 
tons. We shall now adopt the symbol H for this molarity and OH for 
the term [OH - ]. 

In pure water, the hydronium and hydroxide ions are effectively 
at infinite dilution and we take their / values as 1. The true can be 
found as a function of temperature : 



Temperature, °C 0° 15° 25° 40° 60° 

K° x 10 14 0.114 0.450 1.008 2.92 9.61 

2 J. Kielland, J. Am. Chem. Soc. 59, 1675 (1937). 

3 W. J. Hamer, Theoretical Mean Activity Coefficients of Strong Electrolytes in Aqueous 
Solutions from 0 to 100° C, NBS No. 24, U. S. Government Printing Office, Washington, 
D. C., 1968. 
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Thus, we see that varies nearly 100-fold from 0 to 60°C. Note that 
it is pure chance that at 25°C, near room temperature, we have 
K° w = 1.0 x 10" 14 . The negative log, pK° , is equal to 13.996, or 14.00. 
There is no magic in the rounded value 7.00 for the pH of ultrapure 
water at 25°C. Actually, it is 6.998. The pH of pure water is 7.47 at 0° 
and 6.51 at 60°C. Remember that the definition of neutrality in water 
is not that the pH is seven, but that the hydronium concentration is 
equal to the hydroxide concentration. 

When “inert” salt ions like K + C1" are placed in water, the 
activities of the H 3 0 + and OH" are affected. If we take as fact that 
the K° w must remain constant, then a change in / values means that 
molarities must change in such a way as to keep the activity product 
constant. This has been found experimentally. The molarity product 
K w does vary at 25° as KC1 is added to water : 

MK.C1 0.05 0.10 0.25 0.50 1.00 2.00 

K H . x 10 14 1.5 1.6 1.9 2.1 1.7 1.4 

Thus, we see that the ionic atmosphere affects the degree of ion 
formation of water. 

These data on the temperature and ionic strength effects on K w 
show up the futility of doing calculations with more than one signif- 
icant digit (or to ±10%) when T and ionic strength are unknown. 



3. Monoprotic Acids 



When a protonic acid HX is placed in water, it reacts partially 
(or completely if the acid is strong) to form some ions. The degree of 
hydronium hydration will not affect the calculations when water 
activity 1 is assumed for dilute solutions. 



HX + H 2 0 H 3 0 + + X" 

o _ (H 3 0 + )(X-) = [H 3 0 + ][X-]A/- 
eq (H 2 0)(HX) [HX] 



KaUf - (2-10) 



Here again, we take activity unity for water (for dilute solutions) and 
activity coefficient unity for unchanged species like HX. The K a is the 
conditional molarity acidity constant. This varies with temperature 
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and ionic strength. For example, the data for acetic acid are 

Temperature, °C 0° 15° 25° 40° 60° 

K° x 10 s 1.66 1.74 1.75 1.70 1.54 

With added NaCl, the molarity K a was found for acetic acid as follows : 

MNaCl 0 0.06 0.1 0.2 0.5 1 2 3 

K a x 10 5 1.75 2.6 2.8 3.1 3.3 3.2 2.5 1.8 



4. Bases and the K b 

When sources of a Bronsted base (see Chapter 1) are added to 
water, their equilibria can be expressed by the traditional K b using 
(H 2 0) as unity as before, e.g., 

NH 3 + H 2 0 NH 4 + OH“ 

(NH 4 + )(OH) 

A. L 

(nh 3 ) 

However, modern usage is to list only acidity constants in tables, or 
their inverse, the formation constants (base + proton). 4 In this case, 
we can show why this is enough by examining the acidity constant 
expression for the conjugate acid NH 4 , 

NH 4 + H 2 0 NH 3 + H + 

(H 4 )(NH 3 ) 

" (NH 4 + ) 

If we multiply the K° w expression by 1 /K° b , we get K° : 

K = (H a + q )(OH) = (H 4 )(NH 3 ) = 

K° b (NH 4 + )(OH-)/(NH 3 ) (NH 4 ) 

Thus, either K° a or K° b gives us all the equilibrium information about 
an acid-base conjugate pair, 

T^O TS o iso 



4 See L. G. Sillen and A. E. Martell, Stability Constants of Metal Ion Complexes , 
Special Publications No. 17, 1964, and No. 25 (Supplement), 1971, The Chemical 
Society, London. 
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The K° b for ammonia is 10 4 76 . Therefore the K° a for NH 4 must be 
10-9.24. Thgjj. product is 10 ~ 14 ' 00 . 

5. The pH System 

Using the equations developed so far, we can examine the inter- 
relations of the species present at equilibrium in pure water and in 
solutions of acids and bases. Clearly equation (2-9) requires that the 
product of the two variables H and OH be constant. As one rises, the 
other must fall. For the moment, consider roughly, using molarities 
for activities, the possible ranges of H and OH. Neither can be zero 
and satisfy equation (2-9). At the other extreme, one liter can contain 
a limited amount of solute. One hundred moles, or 4000 g of NaOH 
will not fit in a liter of solution. Let us take 10 mol/liter as about the 
maximum possible. Now we look at the total range between 10 M 
strong acid and 10 M strong base. In 10 M HC1 solution we take H as 
approximately 10 M. (This hardly qualifies as a dilute aqueous solu- 
tion.) What is OH? Equation (2-9) requires 

OH = KJH = 10 -14 /10 = 10 “ 15 
and in 10 M NaOH solution, 

H - K w /OH = 10~ 14 /10 = 10 - 15 

This illustrates the reciprocality of these variables. In more dilute 
solution, we are on firmer ground, and can derive this set of H and OH 
values for strong acid and base solutions in Table 2-3. 

The pH system, proposed by Sorensen in 1909, is seen from 
Table 2-3 to be the use of the negative logarithm of H to express the 
wide range of acidities over about 17 powers of ten. Early workers 
assumed that they were dealing with the molarity of H 3 0 + . Equation 
( 2 - 8 ) and the data on inert salt effects shows that this is too simple. 
Potentiometric devices like the pH meter respond to the acidity of 
water solutions in a way that closely approximates what we believe 
to be the activity, (H a + q ). We are forced into this vague statement by the 
fact that there is really no rigorous way to measure the activity of one 
kind of ion alone. What all physical measurements give us is the mean 
activity of the electrolyte in solution, H + , CP or Na + , OH - . For 




16 



Chapter 2 



Table 2-3 



M 


H 


OH 


pH 


Strong acid HX 


10 


10 


io - 15 


-1 


1 


1 


10“' 4 


0 


0.1 


10 -1 


10- 1 3 


1 


0.02 


2 x 10~ 2 


5 x IO’ 13 


1.7 


0.001 


10~ 3 


10““ 


3 


Strong base MOH 


10 


nr 15 


10 


15 


1 


10“ 14 


1 


14 


0.1 


10~ 13 


10~ 1 


13 


0.02 


5 x 1(T 13 


2 x 10 2 


12.3 


0.001 


10““ 


10~ 3 


11 



our purposes we shall treat the pH meter readings as — log(H a H q ), 
where 



hydronium activity = (H^) = H/ + 

and the f + value will have to be the best we can find by the approxi- 
mate methods, equation (2-3), or from tables (see references in foot- 
notes 2 and 3). In solutions of ionic strength below about 0.1 M, this 
approach will give us agreement on the order of 0.01 pH unit between 
measured and calculated values from the K° expressions. The prob- 
lems of definition and choice of standards are presented in detail by 
Bates. 5 To avoid most of the problems, a standard pH scale is 
defined in terms of pure standard solutions (Table 2-4). Thus, a 
measured pH relates to these standards and does not depend upon any 
supposed theory about what it is. 

We now consider examples to illustrate the meaning and uses of 
the ideas introduced in this chapter. 

Example 1 . What are H, the molarity pH, and the pH likely to be 
read from a properly standardized pH meter for 0.100 M HC1? 

By definition, strong acids are assumed to be 100% in ionic 
form in dilute solutions. Thus, we have H at 0.100 M, and the approxi- 
mate pH is 1.0. Next, we calculate the hydronium activity coefficient 

5 Roger Bates, The Determination of pH, 2nd ed., Wiley-Interscience, New Y ork, 1 973. 




Table 2-4. National Bureau of Standards Primary Standards for pH with Concentrations Expressed in Molalities (mol/kg) fl,i 
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These pH values apply only when the solutions are properly prepared from purified materials and protected from the C0 2 of the air. 

R. G. Bates, The Determination of pH , 2nd ed., Wiley-Interscience, New York, 1973; J. Res. Nat. Bur. Std. 66A, 179 (1962); B. R. Staples and R. G. Bates, 
J. Res. Nat. Bur. Std. 73A, 37 (1969). 
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from equation (2-3) or get it from the Kielland table in Appendix A-l 
as 0.83. The estimated hydronium activity is 

(H a + q ) = H/ + = 0.100(0.83) = 0.083 

This gives the activity pH as —log (0.083) or 1.08. The NBS value is 
1.088 for use of this solution as a secondary standard (p. 71 in Bates, see 
footnote 5). 

Example 2. Find the H and the pH meter reading expected for a 
solution which is 0.1 00 Min acetic acid and 0.1 00 M in sodium acetate. 

All sodium compounds are taken to be strong electrolytes, so 
that we have 0.100 M Na + and 0.100 M acetate A - from this source. 
Much smaller concentrations of ions come from the weak electrolytes 
water and acetic acid. So, try a first approximation of 0.100 for the 
ionic strength [equation (2-4)]. Get the activity coefficients and put 
them into equation (2-10) with our approximate values of 0.100 for 
acetate and acetic acid, and find H : 

( 0 . 100 ) 

K° = 1.76 x 10“ 3 - H- -(0.83)(0.76) 

a (0.100) 

H = 2.8 x 10“ 5 

(H a + q ) = 2.8 x 10" s (0.83) = 2.3 x 10" 5 
pH = 5 — log 2.3 = 4.64 

This agrees with experimental measurements (p. 100 in Bates, see 
footnote 5). It also justifies our approximations since well under 1 % of 
the acetic acid has formed ions. 

To clarify what we have done here, we make an inventory of what 
is present in Table 2-5. The small values of H and OH relative to the 



Table 2-5 



Species 


Put into the solution 


Present at equilibrium 


Na + 


0.100 M 


0.100 M 


c 2 h 3 o 2 - 


0.100 M 


0.100 + H = 0.100 M 


hc 2 h 3 o 2 


0.100 M 


0.100 - H = 0.100 M 


h 2 o 


55 AM 


55.4 - OH = 55.4 M 


H 


— 


2.8 x 10~ 5 M 


OH 


— 


KJH = 3.6 x 10 -, ° M 
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larger concentrations are what make our approximations good ones. 
This is by no means always possible to assume correctly. A complete 
and systematic treatment of these equilibrium calculations is pre- 
sented in the chapters to follow. Here we reiterate that, although pH 
lacks a rigorous meaning, it is a practical tool for expressing the 
relative acidities of solutions under clearly stated conditions. The 
interpretation of pH measurements is required for intelligent use of 
laboratory and field data on solutions. The importance of these 
equilibria in controlling processes in life chemistry, industrial chemis- 
try, and geochemistry makes this study vital to all workers in the 
sciences. 



Problems 

1. Write equilibrium equations and the constant expressions for any acid-base 
equilibria which must become satisfied in dilute water solutions of the following 
compounds: 

a. Formic acid, HCOOH. 

b. Sodium formate, Na + , HCOO~. 

c. Trimethylamine. 

d. H 2 S0 4 , one H is strong, the second is weak. 

2. What are the concentrations of major species present in the following water solutions, 
and what is the pH assuming activity coefficients of 1? 

a. 0.0020 MHN0 3 . c. 0.015 M HI. 

b. 0.008 MKOH. d. 0.003 MNaNH 2 . 



3. Calculate the H, molarity, before and after dissolving 0.05 mole of NaCl in one liter 
of 0.20 M acetic acid at 25°. 

4. What is the pH of ultrapure water at 1 5 and at 40°? 

5. Calculate the molarity H and the activity pH of 0.050 and 0.10 M KC1 solutions 
at 25°C. 

6. Find the molarity H in a water solution which produces a reading of 2.30 at the pH 
meter and has ionic strength giving /+ of 0.80. 

7. Take the K eq as 4.00 and calculate the equilibrium number of moles of each substance 
after mixing 1 .00 mol of each of the four compounds involved in the ethyl acetate 
esterification. Compare the yield when only 1 mol each of ethanol and acetic acid 
are mixed. 





Monoprotic 
Acid-Base Equilibria 
in Water Solutions 



The various species with acid-base properties can be related to each 
other by the equations expressing their equilibria and by equations 
expressing conservation of matter: material, charge, and proton 
balancing equations. When initial (analytical) concentrations of 
solutes are given, these equations serve to determine as many un- 
knowns as we have equations. Molarities, not activities, must be 
used in these balances, so we require the conditional (molarity) 
equilibrium constants appropriate to the solution under considera- 
tion. 

1. A Complete Equation Treatment 

Let us reexamine the simplest case, strong acid solution, Example 
1 in Chapter 2. In this 0.100 M HC1 solution, it is not exact to set H 
equal to the molarity of HC1. The OH cannot be zero, therefore water 
must produce some H and OH. Call this amount y M. Now the 
complete situation is expressed by 

H = 0.100 + y, OH = y 

Using the K w from Chapter 2 for 0.1 ionic strength and 25°, we obtain 
K w = 1.6 x 10“ 14 = HOH - (0.100 + y)(y) 
y = OH = 1.6 X 10“ 13 , H = 0.100 
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While this treatment has not changed our approximate result found 
before, this is not always the case. Consider a very dilute solution, 
1.00 x 10“ 7 M HC1. Now, using the zero-ionic-strength Kl, values we 
get 

K° w = 1.008 x 10“ 14 = (1.00 x 10“ 7 + y)(y) 

Solving with the quadratic formula and taking only the positive root 
gives 



y = 0.62 x 10“ 7 - OH 
H = 1.62 x 10“ 7 

This time, the approximation that all the H comes from the added 
HC1 gives the silly answer that the solution is neutral. Note that the 
HC1 does not simply add to the 10“ 7 M H from water. The fallacy 
of the approximate method is also shown by application of the electro- 
neutrality principle, charge balancing, which we shall use a great deal. 
It states the rather obvious condition that (in macro quantities of 
solution) positive and negative ions must balance each other. This 
means we count Ca 2 + as 2 mol of plus charge. In the present example, 
we set all the possible positive charges equal to all possible negative 
ions. There are only three possible ions in our solution : H, OH, and 
[CP]: 

H - [Cl ] + OH 

1.00 x 10 -7 = 1.00 x 10 -7 + 1.00 x 10" 7 (approximate) 

1.62 x 10~ 7 = 1.00 x 10 -7 + 0.62 x 10~ 7 (complete) 

Weak Monoprotic Acid-Bases. It has been traditional in elemen- 
tary texts to use molarity equilibrium constant expressions and to 
make approximations for the numerical values of the concentrations 
of all species except the one to be calculated, usually H. This is a 
valid approach, but difficult for students because of the variety of 
assumptions used in making the approximations. Let us start by 
looking at the complete treatment and then showing under what 
conditions certain approximations will be justified. Until experience 
is achieved, the best method is to try the approximations and then 
check the result in the complete equation. 




Monoprotic Acid— Base Equilibria 



23 



Here we list terms and symbols to be used: 

C a the analytical concentration of acid HX put into the solution 

C b the analytical concentration of the conjugate base put into the 

solution 

HX the concentration of HX actually present at equilibrium 

X the concentration of X - actually present at equilibrium 

H the concentration of hydrated protons at equilibrium 

OH the concentration of OH" at equilibrium 

D H — OH, the net acidity, or basicity (when negative), at 
equilibrium 

To illustrate these, in 0.100 M acetic acid we have C a = 0.100 M, 
C b = 0, HX is slightly less than 0.100 M, and the H, OH, and X are 
small unknown concentrations dependent upon the value of K a . If 
we add sodium acetate to make its total in solution 0.100 M, then C b 
becomes 0.100 M and the equilibrium values of all the other com- 
ponents are shifted to new concentrations to satisfy K a . Now we 
derive the general expression relating these quantities. 

For solutions which may have any values of C a and C h including 
zero, we can write the material balance, which simply states that the 
total of X at equilibrium must equal the total put into the solution, 

C a + C b = HX + X 

We also write a charge balance taking into account that every X~ 
from the C b added must also be balanced by M + (Na + , for example, if 
sodium acetate is used) : 

H + C b = OH + X, X = C„ + D 

Eliminate C b between the charge and material balances to get 

HX = C a — D 

Thus, we have obtained expressions for the equilibrium HX and X in 
terms of the analytical concentrations which we often know. Putting 
these into the equilibrium constant expression solved for H, equation 
(2-10), gives the general relation we need : 

H = K a HX/X = K a (C a - D)/(C„ + D) (3-1) 

We can use the K w relation, equation (2-9), to get this in terms of the 
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single unknown H : 

H = K a (C a - H + OH)/(C„ + H - OH) 

H = K a (C a - H + KJH)/(C b + H - KJH) (3-2) 

This is a cubic equation in H, and will be useful in this form for the 
purposes at hand. 1 

This expression reduces to the common approximations as 
follows. Take first the case of acid solutions alone, C b = 0. Assume 
that H and OH are negligible with respect to C a in the numerator of 
equation (3-2), and that H is much larger than OH in the denominator. 
This gives us 

H = K a C a /n, H = (K a C a ) l/2 (3-3) 

For base solution alone, C a = 0, and H smaller than OH, we get 

H = K a OH/C b , H = (K a KJC b ) 112 (3-4) 

For buffers, C a and C b both nonzero, similarly, we get 

H = K a CJC b (3-5) 

Comparing these results with the full equation (3-2), we can 
deduce the conditions under which (3-3)— (3-5) will be invalid : (a) when 
either H or OH is large — rather strong acids or bases ; and (b) when 
C a and/or C b are small — very dilute solutions. 

2. Graphical Illustrations 

These effects are shown graphically in several ways in Figures 
3-1 to 3-4. Figure 3-1 shows the effect of acid strength with K a values 
ranging from 1 to 10“ 14 . The pH was calculated (in molarity units) 
from the full equation (3-2) for 0.100 M solutions of acid, bases, and 
buffers (0. 100 M each of the conjugate acid and base). The approximate 
equations apply in the central, straight-line regions, as is seen by taking 



'To show the complete generality of equation (3-2), we can even get the equations 
for strong acid or base solutions : For strong acid, let K a grow very large and rearrange 
to get 

(H /K a )(C h + H - OH) -> 0 = C a - H + OH, and H = C a + OH 
For strong bases, let K a ~+ 0, giving 

(KJH)(C a + OH - H) = 0 = Q + H - OH, OH = C b + H 
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Figure 3-1 . The variation of pH with acid strength p K a for 0.10 M solutions 
of (a) pure weak acid HX alone; (b) buffers, conjugate acid and base each 
0.10 M ; (c) pure conjugate base alone. 



logs : From equation (3-3), — log H = — j log K a — j log C a , or, with 
p = —log, and for 0.100 M (log C a = — 1), 



pH = jp K a + 0.5 



(3-6) 



From equation (3-4), 



pH = ip K a + 7-0.5 



From equation (3-5), 



pH = p K a 



The plots of p K a versus pH have the slopes shown in Figure 3-1 
between p K a values about 3 and 11. With the stronger acids and 
bases the other terms in equation (3-2) are required and produce the 
curvatures. 
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Let us contrast the actual calculations for the two regions of 
Figure 3-1. 

Example 1. For pure 0.100 M acetic acid solution, we use K° in 
equation (3-3), 

H = (K a C a ) 112 = [1.75 x 10“ 5 (0.100)] 1/2 = 1.34 x 10“ 3 
pH - 2.87 

For pure conjugate base, 0.100 M sodium acetate, we now use the 
conditional constants K a and K w for 0.1 M ionic strength in equation 
(3-4), 

H = ( K a KJC b ) 112 = [2.8 x 10“ 5 (1.6 x 10" 14 )/0.100] 1/2 
= 2.12 x 1(T 9 
pH = 8.67 

In neither case will use of the full equation (3-2) give a different result to 
two significant digits. 

For the buffer, C a = C b = 0.100 in equation (3-5) gives 

H = = 2.8 x 10“ 5 and pH = 4.55 

Example 2. Now consider 0.100 M trichloroacetic acid, K a = 0.2. 
The approximate equation (3-3) gives H = 0.14 M. This is an impossi- 
ble result since it is more than the acid put into the solution, 0.100 M. 
Equation (3-2) (with OH negligible) gives 

H - 0.2(0.100 - H)/H, H 2 + 0.2H - 0.02 = 0 

H = 0.075 and pH - 1.12 

The calculations for the conjugate base and buffer are left for an 
exercise. One must be alert to results which make no sense and/or do 
not check in the full equation (3-2). 

Figure 3-2 shows the effects of dilution upon pure solutions of 
weak acids of p K a from 0 to 12, and the strong acid limiting line. A 
mirror image set above pH 7 would describe bases. For the strong 
acid line, we use the relation obtained from equation (3-2) by letting 
— • x : 

H = C a + OH (strong acids) 

Only near pH 7 does the OH term become important and produce a 
curve. 
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Figure 3-2. the pH of acids of various strengths as a function of concentration 
C a . The p K a of acids is indicated. The left limiting line is for the strong acid case. 

The dashed lines enclose area in which the approximate equation (3-3) is valid 
to 10% or better. 

The limiting, left, line for a strong acid is joined by the weaker 
acids as they are diluted. The weak acid lines become straight at 
higher concentrations, where they follow equations (3-3)— (3-6). Note 
that acids having K a at 1 and 10“ 2 (p.K a 0 and 2) do not obey the 
approximate equation at any concentration on this graph. 

Study of these graphs should clarify the statement, “the approxi- 
mate equations (3-3)— (3-6) apply if the acid is neither too dilute nor 
too strong.” Students have usually been left without clear means to 
tell what is too dilute or too strong. We give two ways to know for 
sure: First, check the result in equation (3-2), and second, look at 
Figures 3- 1-3-3. 
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Figure 3-3. The variation of pH of buffers upon dilution. Each 
has equal analytical concentration of acid and conjugate base, 
C a = C b . The p K a values are indicated. The strong acid and base 
cases are shown as limiting lines at each side. 



If one wanted to enclose an area in Figure 3-2 in which the 
approximate equation (3-3) is valid to 10 % for H, one might put in the 
line at which C a = 90 K a , since at 10% ionic form we have 



K n = 



HX - 

at equilibrium: 0.9C a 

(0.1C B )(0.1CJ 



0.9.C, 



H + X 

0.1C a 0.1C a 

or 



c a 



90X a 



This is valid unless the OH term becomes important, which happens 
at about pH 6.5. So we also add that line. Any other level, say 1 %, 
might be chosen as well. The idea is to show graphically the relation 
of K a and dilution to equation (3-3). The identical situation applies 
with respect to OH and bases. Equation (3-4) can be rearranged by 
using K w = HOH = K a K b , for any conjugate pair: 

OH - (K„C b ) 112 
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This has the same form as equation (3-3). We could simply change the 
coordinates of Figure 3-2 to pOH and log C b to make the graph for 
base solutions. 

When known concentrations of conjugate acid and base are 
mixed, we have buffer solutions. Figure 3-3 shows the vertical straight 
lines where equation (3-5) applies. At the curved portions, equation 
(3-2) is required. The validity of equation (3-5) can also be seen in 
Figure 3-1, curve b. 

While Figure 3-2 does fairly depict the full range of possibilities 
with acid (or base) solutions alone, Figure 3-3 shows only the 1 : 1 
buffers. A full series of buffers ranging from pure acid to pure base can 
be shown by the plot in Figure 3-4, in which pH has been calculated 
from equation (3-2) for various values of C a and C b , holding their 
total constant at 0.100 M, except for one case at 0.001 M to show the 
dilution effect. Thus, we go from pure 0.1 M HX at the left to pure 
0.1 M X at the right, with 0.05 M HX-0.05 MX at the midpoint frac- 
tion, 0.5. 




Figure 3-4. The variation of pH with change in the 
relative fractions of conjugate acid and base for total 
C a + C b = 0.100 Af. C a + C b = 0.001 M is also shown 
for p K a 4. The pH of the pure solutions of conjugate 
base are indicated by the horizontal lines at the right. 
Curves 2 and 4 both end at pH 7.5. 
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This also represents a constant-volume titration curve, showing 
pH at various degrees of neutralization of the acid by a strong base. 
Its form points up the meaning of buffering action. Good buffering 
occurs in the flatter portions where the buffer ratio changes only 
slowly with added acid or base. To clarify this, note the effect of a 10 % 
shift in C b in two regions : 

(a) From 1 % to 11 %: CJC b goes from 99/1 to 89/11, or 99 to 

8 . 1 . 

(b) From 40% to 50%: CJC b goes from 60/40 to 50/50, or 1.5 to 

1 . 0 . 

Remember that it is this buffer ratio which controls the pH when HX is 
weak [equations (3-2) and (3-5)] 

H s K a CJC b = K a R, pH = p K a + p R (3-7) 

Examination of the methods of deriving the points for Figure 3-4 can 
exemplify all the common monoprotic acid cases. Let us look at them. 
At the start : For pure HX, use equation (3-2) or (3-3) as required. 

C a = 0.10 M [(3-3)] H = (K a C a ) 112 

For p K a = 8, H = 10 -4 5 , pH = 4.5 

pK a = 4, H = 10 -2 ' 5 , pH = 2.5 

pK a — 2, H=10" 15 , pH = 1.5 

(strong, H = 0.10 M, pH = 1.0) 

When we check the weak acids in equation (3-2) and look at Figure 
3-2, we see that only for the strongest, p K a = 2, do we need a better 
answer. The full equation (3-2) gives pH = 1.55 for this case. This 
occurs again for the more diluted case, 0.0010 M, at p K a = 4. Here the 
approximate equation (3-6) gives us pH = ^(4 -F 3) = 3.5. The full 
equation (3-2) gives 3.57. Note well that these two cases fall on the 
curved portion of Figure 3-2. 

Along the curve : We have values for C a and C b , buffer solutions. 
The approximate equation (3-7) gives (for the p K a = 4 example, 
0.1 M), at C b 0.04, C a 0.06, 

/ 0.06\ 

pH = 4.00 + -log — - = 4.00 - 0.18 
\ 0.04/ 



pH = 3.82 
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This result for H is under 1 % of the 0.06 and 0.04, to which it is 
added and subtracted in the full equation (3-2). Thus, this answer will 
be found satisfactory. 

At C b = C a = 0.05, we can see on Figure 3-3 that the 0.1 M cases 
for p K a 4 and 8 will be correct with the approximate equation (3-5), 
p K a = pH. For the other two cases again equation (3-2) will be re- 
quired. Several other points in the first and last 10% of the curves 
should be obtained to establish the line. 

At the end: We have pure 0.100 M conjugate base solution and 
can try equation (3-4), 

pH = U?K a + p K w - p C b ) = 8.5 
for the p K a 4 case. 

Note that in every case where the full equation (3-2) has been 
needed, this can be predicted from examination of Figures 3-2 and 3-3. 
Furthermore, only when the pH is within about 0.5 unit of 7.0 is the 
full cubic form required. For most cases, either H or OH is negligible 
for the addition or subtraction, and a quadratic equation is quite good 
enough. Experience will be gained by practice. 



3. Procedure for Solving pH Problems 

Now that we have examined the consequences of the mathemati- 
cal relations required by equilibrium, let us look at some applications 
to the kinds of solutions commonly used. 

A prime requirement for all our calculations must be stressed at 
the start : Solutions must be at equilibrium in order for calculations 
with equilibrium constants to be valid. This is obvious, but can cause 
great difficulty because chemical knowledge must be brought into 
play to decide whether a chemically stable solution is present. For 
example, how does one treat the acidity of a mixture which is made 
so that it will be 0.1 M in hydrochloric acid and 0.2 M in sodium 
hydroxide? No such solution exists. One must know that these are 
strong electrolytes and that such high concentrations of H and OH 
react to form water. Thus, the mixture given turns into 0.1 M Na + , Cl “ 
and 0.1 M Na + , OH - , that is, half the base is neutralized by the acid 
present. The approximate pH is 13. We do not follow the procedure 
of one canny student who replied that the pH of the 0.1 M acid is 1.0 
and that of the 0.2 M base is 13.3, and thus the average is 7.15. 
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Example 3. Estimate the pH and the p a H [p% = p(H a 4 )] of a 
mixture made by placing 50 ml of 6.0 M acetic acid and 50 ml of 
1.00 M NaOH in a liter volumetric flask and diluting it to 1000 ml. 

Step 1. The weak acid and strong base must react before a stable 
solution can be considered. We are given (50 ml)(6 mmol/ml) = 300 
mmol of acetic acid, and (50ml)(l mmol/ml) = 50 mmol of NaOH. 
Fifty millimoles of each react and 250 of the acid is left in excess 

at start: 300 50 (in millimoles) 

HX + OH - — ► HOH + X" 

after equilibrium : 250 + x x 50- x 

After hypothetical complete neutralization, some, x, must return to 
establish equilibrium since OH cannot be zero. (H 2 0 remains near 
55 M.) 

Step 2. Now that we have a chemically stable solution, we decide 
what type of situation we have and what mathematical approach is 
suitable. The analytical concentrations for the resulting solution are 

C a = 250 mmol/1000 ml = 0.250 M 

C b - 50 mmol/1000 ml = 0.050 M 

Since we have known values for C a and C b , this is an acetate buffer. 
For an approximate solution, try equation (3-7) with p K° a = 4.76 (zero 
ionic strength): 

/ 0.250\ 

pH ^ p K a + p R = 4.76 + -log— = 4.06 



Step 3. Now, check this result in equation (3-2), using the right 

side : 



. 7 , (0.250 - 10~ 406 + 10' 9 ' 94 ) 

¥¥ lO -4 ' 7 - ' _ iq-4.06 

mo50 + m- 4 06 - 10- 9 94 i 



Thus, H and OH are truly negligible on the right, and it becomes 
equations (3-5) and (3-7). 

Step 4. For a more correct result, we look up, in the tables of 
Appendix A-l, or calculate [Chapter 2, equation (3)] activity co- 
efficients for the conditional K a : 

I = i C z 2 = K[Na + ] + [C 2 H 3 Oj]) = 0.05 M 
We omit the small H from the ion sum as negligible here. This gives us 
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K a for these conditions as 2.6 x 10 5 . Thus, 



H - 2.6 x 10 “ 5 



0.250' 

0.050, 



= 1.3 x 10 “ 4 



The pH meter reading of — log(H 3 0 + ), using the Kielland /+ of 0.85, 
yields 

pa H = -log (1.3 x 10 “ 4 x 0.85) = 3.96 



Example 4. How many milliliters of 1.00 M HC1 solution should 
be added to 100.0 ml of 0.100 M NH 3 to produce a buffer of pa H 9.00? 
A chemical reaction is implied. We follow the same steps as in 
Example 3. 

Step 1. We have 10.0 mmol of ammonia and x mmol of HC1, 
since x ml of 1 M is x mmol : 

at start: x x 10 

h 3 o + + cr + nh 3 — ► nh+ + cr 

at equilibrium : 10“ g M x 10 — x x x 

Step 2. For an approximate answer, take the hydronium activity 
to be the molarity and use the K° a for the ammonium system, using 
equation (3-5): 

K ~ 1 Q — 9.24 H[NH 3 ] 10 - 9 oo (10 ~ X)/V 
“ ~ [NH 4 ] x/v 

(We divide mmol by the final volume v to get molarities. Here, as 
often happens, we are lucky and v cancels). Solve for x : 

x = 10 O 24 (10 - x), x = 6.35 ml of 1 M HC1 

Step 3. Final volume v is 100 + 6.35 ml, so we can find the 
molarities : 



C a = 6.35 mmol/106.35 ml = 0.0596 M NH^ 

C„ = 3.65 mmol/106.35 ml = 0.0343 M NH 3 

Figure 3-3 shows us that this buffer (of R not too far from 1) at p K a 
9.24 is likely well within the region covered by the approximate 
equation (3-5) or (3-7). In addition, we can see in equation (3-2) that 
our H, 10“ 9 , and our OH, 10“ 5 , are negligible with respect to C a and 
C b . So we need only check the ionic strength and make proper activity 
corrections to obtain valid results. 
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Step 4. I = MNH 4 ] + [Cl - ]) = 0.06 M, other ions being neg- 
ligible. Since the hydronium required is stated as an activity, we need 
only /+ for the NH 4 ion. Taking the activity coefficient from the 
Kielland Table A-l of Appendix A-l, we obtain 

K° = if ) -9 - 24 = (H 3 Q + )(NH 3 ) = iq-9.oo[nh 3 ] 
a (NHX) [NH 4 ]0.79 

Returning to step 2, we get 

x = 2.20(10 - x), x = 6.88 ml HC1 
The revised concentrations are 

C a = 6.88/106.88 = 0.0645 M NH 4 h 
C b = 3.12/106.88 - 0.0292 M NH 3 

The slight change in ionic strength does not warrant recalculation, 
because of the precision limit in the activity coefficients available. 



Example 5. A different charge type. Find the approximate H 
and p a H of a buffer having 0.020 M NaHS0 4 and 0.020 M Na 2 S0 4 . 
The HSO4 is a monoprotic acid of p K° = 1.99. 

Steps 1 and 2. First from equation (3-5), using [HSO4 ] = [SO4 - ] 
= 0.020 M, 



K a = 10' 1 " 



H[SO| _ ] 

[HSO4] 



H = 10 _1 99 = 1.02 x 10 “ 2 



Step 3. We are on a curve in Figure 3-3 and the H term is large in 
equation (3-2), 

_ 10 “ 1 "(0.020 - H) 

(0.020 + H) 

The OH is 10 " 12 (negligible), 

H 2 + 0.0302H - 2.04 x 10 ~ 4 = 0 



and 



H - 0.0057 



which is the approximate acidity of the solution. 
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Step 4. Activity correction : The ions in this solution are (using 
step 3) 

[Na + ] 0.060 M [HSO4] 0.0143 M 

H 0.0057 M [SO|“] 0.0257 M 

and 

/ = l (cz 2 ) = jfO.060 + 0.0143 + 0.0257 x 4 + 0.006) = 0.0915 M 

Notice the 2 2 term is 4 for SO 4 - ion and 1 for the rest. We now look 
up the / values in the Kielland table in Appendix A-l and get K a , 

Kf : H[SOn 1.02 X 10~ 2 (0.78) 

° /+ f 2 — [HSO*] (0.83)(0.38) ' 2 X 

Repetition of step 3 with this corrected value gives H = 0.009 2 • This 
multiplied by 0.83 to get a H yields pa H = 2.12. The new / is 0.098 M. 
(An improved result can be obtained by recalculation with this value). 



4. Summary 

After these examples, it should be clear that a definite pattern 
can be seen in the steps used to solve these problems. Let us summarize 
them and emphasize certain troublesome points. 

1. Find effective analytical concentrations to use, C a and/or C b : 
To do this, we must decide whether the material given should undergo 
extensive neutralizations. These must be allowed to go to completion 
to find the effective C a and C b for the calculation. To make this 
decision, one must know which ions associate into weak electrolytes. 
Tables of equilibrium constants may need to be consulted. Experience 
and a few rules can help. 

(a) Most acids are weak. HX is strong only for X = Cl - , Br - , 
I - , SCN - , NOJ, CIO4, HSO4, and a few others. That 
means we do not write these ions in protonic equilibria in 
water solutions. Other anions do react, 

X - + H 2 0 HX + OH - 

for the overwhelming majority of anions, acetate, fluoride, 
carbonate, etc. See Figure 1-4. 
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(b) Soluble metal hydroxides are strong : NaOH, LiOH, KOH, 
Ba(OH) 2 . However, some weak ion association occurs with 
the multiply charged ions. Tables must be consulted for 
accurate work. Most other bases are weak: ammonia, 
amines, and the anions not listed in (a). 

(c) Other soluble ionic compounds (old term “salts”) are 
assumed to be strong, but there are many exceptions at the 
level of weak ion association or complexing. Tables must be 
consulted. 

2. Write the chemical equation for the equilibrium involving the 
conjugate acid and base. Write the K° expression. Put into this the 
values known, and x for the unknown quantity desired. Solve roughly 
for x using all / values equal to 1. Use approximate equations (3-3), 
(3-4), or (3-5) for acid, base, or buffer mixtures. 

3. Look at Figure 3-2 or 3-3 and equation (3-2) to see if the 
result from step 2 is valid. Solve anew with the quadratic or cubic 
equation when needed. 

4. Add the ions by equation (2-4) to obtain the ionic strength. If 
this is above 0.001 for singly charged cases, or above 10“ 5 for multiply 
charged ions, make activity coefficient corrections and obtain a 
refined result. 

Problems 

1. Consider mixing 10.0 ml of each solution in the following groups. Decide what, if 
any, neutralizations should occur. Calculate the effective C a and/or C b of the 
solution, remembering to take into account the dilution upon mixing, which 
doubles or triples the volume. State whether each case is that of a weak acid, buffer, 
or a weak base, or whether an excess of strong acid or base is left to predominate 
in setting the pH. 

a. 1.0 M NaOH and 2.0 M acetic acid. 

b. 1.0 M NH 3 , 0.20 M NH 4 C1, and 0.10 M HN0 3 . 

c. 1.00 M H 2 S0 4 and 1.40 M NaOH. 

d. 2.0 M NaOH and 1.0 M acetic acid. 

2. Calculate rough pH values for each solution mixed in Problem 1 . 

3. Prove the relation K a K b = K w by multiplying the equilibrium constant expressions 
for the conjugates in each of the following cases. 

a. Acetic acid-acetate. b. Ammonium ion-ammonia. 
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4. Demonstrate that equation (3-2) is valid for the different charge types by deriving 
it from the charge and material balances for the following cases. 

a. NH4-NH3 systems. b. HSO^-SOj - systems. 

5. Calculate H for the 1 : 1 buffer and the pure conjugate base, all at analytical con- 
centrations of 0.100 Af, for the trichloroacetate system begun in this chapter, 
Example 2. Check the result on Figure 3-1, b and c. Take the conditional K a as 
0.20, although it is not well established. 

6. Calculate and compare the pH of 10" 7 M NaOH and NH 3 solutions. You can 
check the results on Figure 3-2 by noting that it is valid if you change p K a to p K b 
and pH to pOH. The p K b for NH 3 is 4.7. 

7. Calculate the H of a buffer made with analytical concentrations 0.200 M lactic 
acid and 0.100 M sodium lactate. Repeat after a 100-fold dilution of the solution 
and compare the need for the full equation (3-2) in each case. Take a constant 
ionic strength of 0.10 M in both cases and use / values from the Kielland table 
in Appendix A-l, assuming lactate ion is about the same size as acetate. The 
reported p K° for lactic acid is 3.858. It is CH 3 CH(OH)COOH. 



8. A solution of pure pyruvic acid [CH 2 =C(OH)COOH] was titrated with pure 
NaOH solution at the pH meter. Half-way to the equivalence point the meter 
reading was 2.555. The analytical concentrations calculated from the starting 
molarities were each 0.0600 Af, which is also the ionic strength. Calculate K° a . 

9. What are the changes in log units in going from p K° a to the p K a at 0.10 Af ionic 
strength for acetic acid, NH4, and for HSO4 ? What are the changes for the 
corresponding p K h values? 

10. The p K° a reported for glycollic acid is 3.882 at 25°. What is the pH at the start, 
midpoint, and end when 25.00 ml of 0.0500 Af glycollic acid is titrated with 
0.2000 M NaOH solution? First calculate the effective C a and/or C h using the new 
volume at each point. Then get an approximate H. How large will the activity 
effect be on the K a at the conditions, and will equation (3-2) be required to get a 
result to +0.01 pH unit? 





Monoprotic 
Acid-Base Diagrams 



In this chapter we introduce a variety of graphical displays of mono- 
protic acid-base equilibria. Although a number of diagrammatic 
methods for solving pH problems has been proposed, none is as fast 
as numerical approximation using equations (3-2)— (3-5), for those 
who are experienced in chemistry. For the student, however, these 
diagrams can help develop the experience needed to make correct 
approximations suitable under various conditions. First, we present 
a complete ratio diagram since it is the simplest to use and the most 
foolproof to interpret. The log a and log C diagrams shown next are 
either more complicated (log a) or less foolproof, requiring estimations 
as to the approximate equalities or intersections to look for (log C). 



1. Equilibrium Ratio Plots 

Here we shift our attention from the concentration of each species 
in equilibrium to the ratio of acid to conjugate base at equilibrium, 
since this ratio fixes the pH. From the K a expression, 

H /K a = HX/X = R e , log R e = p K a - pH 

This equilibrium ratio must not be confused with the buffer ratio of 
equation (3-7), which is CJC b , the ratio of the analytical concentra- 
tions, which may or may not be close to the ratio of the species at 
equilibrium. The equilibrium ratio is given by H /K a . A material 
balance expression for this ratio can be found from the complete 
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Figure 4-1 . The logarithm of the equilibrium ratio of conjugates 
for any monoprotic system. pH measured from p K a value at 
center. 



equation (3-2), 

H/K a = (C a — H + OH)/(C 6 + H — OH ) = R e (4-1) 

Note that this becomes the buffer ratio CJC b only when both H and 
OH are negligible. The plot of the log of H /K a (log R e ) is a straight 
line as shown in Figure 4-1, crossing the log R e = 0 line at pH = p K a . 
Thus, it can be quickly constructed for any chosen acid-base system. 
The material balance (right) side of equation (4-1) depends upon the 
concentrations chosen for C a and C b . Either may be zero. This method 
is not limited to buffers. The intersection of these two plots gives the 
pH of the solution. This also suggests a simple method of programming 
a computer to solve pH problems for these systems. 1 

Figure 4-2 shows the material balance R e plots for 0.100 M 
solution of three cases : (a) pure acid HX ; (b) pure base, C b = 0. 100 M, 
C a = 0; and (c) buffer, C a = C b = 0.100 M. Note that this function is 
independent of any particular acid-base chosen. It only tells the 

'See C. H. Langford, BASIC Equilibrium Calculations, Addison-Wesley, Reading, 
Massachusetts, 1973. 
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proportions of proton binding or donating that must occur if a 
certain pH is to exist with a chosen set of values for C a and C b . For 
example, to obtain pH 4 with 0.1 M HX ( C b — 0), the R e on the 
material balance side of equation (4-1) is 

R e = (o.i - o.oooiyo.oooi = 999 

The OH is negligible here, and the log R e is thus near 3. To have pH 1, 
all the HX must form ions and R e is zero, log R e — > — oc. We have 
taken ionic strength 0.1 M throughout this section, so that p K w is 
13.80. Thus, a neutral solution occurs at pH 6.9 where H = OH = 
jq- 6.90 jjjjg j s w jj ere th e denominator of our R e fraction goes to zero 
for the pure acid case and log R e —*cc. 




Figure 4-2. The logarithm of the ratio of conjugates required by the 
material balance condition for 0.100 M solutions of (a) pure acid, (b)-pure 
base, (c) 1:1 buffer, C a = C b = 0.100 M. Assume 0.1 M ionic strength, 
p K w = 13.80, neutral pH, 6.90. 
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2 4 6 8 10 12 

pH 



Figure 4-3. pH calculation diagram combining Figures 4-1 and 4-2. The 
0.0100 M material balance cases added. Three equilibrium K a cases shown 
for the acids bisulfate, acetic, and ammonium at 0.1 M ionic strength 
values at 25°C. 



For the base, a mirror image of the acid plot is found. For the 
buffers, H and OH are negligible in the central region, where these are 
both small, and R e is effectively the same as the buffer ratio CJC b . The 
curved portions show the behavior of rather strong acid or base, 
where equation (3-7) is not valid. 

To find the pH of any 0.100 M solution of any acid, base, or 1 : 1 
buffer, we simply put a straightedge at 45° on this plot passing 
through pH = p K a of the acid-base as in Figure 4-1. For other 
concentrations and buffer ratios we shall have to plot the required 
material balance R e curves. Six cases are shown in Figure 4-3 : the 
three from Figure 4-2 and the three for 0.0100 M acid, base, and 
buffer. Three equilibrium condition ratio (H/KJ lines are shown 
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passing through their — logK a values for 25° and 0.100 M ionic 
strength: HSO4, 1.60; acetic acid, 4.56; and NH4, 9.29. These are 
representative of a wide variation in acid-base strength. The correct 
values of pH are read off at the intersections. Only for the hydrogen 
sulfate cases are these different from the approximate equation results. 
Note that these are molarity pH values. The effects of concentration 
and buffer ratio are further illustrated in Figure 4-4. The same three 
acid-base H /K a lines are included. 

The pure acid and base material balance lines in Figure 4-2 
resemble the corresponding lines of Figure 3-1. Examination of 
equations (3-2)— (3-6) will reveal why this is the case. 




Figure 4-4. Ratio method pH calculator for buffers of various concentra- 
tions: 20:1, C a = 0.2 M, C b = 0.01 M. 4:1, C a = 0.2 M, C b = 0.05 M. 
1:1, C„ = C b = 0.1 M, 1 : 10, C a = 0.01 M, C b = 0.1 M, and also C„ = 
10 " 4 M, C„ = 10“ 3 M. 
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This ratio method is useful if one is to determine the H at a 
specific concentration, 0.1 or 0.01 M, of acid, base, or buffer. One 
needs only a straight edge to read off pH values. To obtain valid 
results, as with any method, one must use activity coefficients to 
convert K° and to their effective molarity values at the ionic 
strength given. To find p a H , we simply add the log /+ to the pH. For 
example, for the acetate buffers in Figure 4-3, we read off pH 4.56 and 
add 0.08 to get 4.64, the correct pa H read at the pH meter at 25°. (Our 
0.01 M buffers were taken to be in the presence of salt to give ionic 
strength 0.1 M. For example, 0.09 M NaCl added to the 0.01 M 
NaC 2 H 3 0 2 gives us ionic strength 0.1 M) 



2. Logarithmic Fraction and Concentration Diagrams 

The equilibrium fractions of species are closely related to their 
ratio, so that it is not surprising that the fraction function has been 
used in the way we have used R e above. The fractions are related to the 
equilibrium constant and H : 

a 0 = X/(X + HX) = 1/(1 + HX/X) - 1/(1 + R e ) 

, (4-2) 

= HX/(HX + X) = 1/(1 + X/HX) = 1/(1 + R; 1 ) 

Substituting from the K a expression, H /K a for R e , we get the relation 
of the fractions a 0 and to H : 

«o = (1 + H /K a )~ \ a, = (1 + KJHy 1 (4-3) 

Let us plot a general graph of these fractions, Figure 4-5. Equation (4-3) 




pH 



Figure 4-5. General monoprotic equilibrium a fractions vs. pH. 
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pH 

Figure 4-6. Logarithmic a fraction curves. 14 pH unit spread. 

yields the following results : 









pH 


H = K a , 


s 

o 

II 

s 

II 

p 

l/l 






H = 10K a , 


a 0 = 0.09, 


a x = 0.91 


?K a - 1 


H = 100K a , 


a 0 = 0.01, 


a x = 0.99 


?K a -2 


H = 0AK a , 


a 0 - 0.91, 


s 

II 

o 

o 


pK a +l 



etc. To obtain the curves for acetic acid at 0.1 M ionic strength, for 
example, use 4.56 for p K a in this process. Figure 4-5 shows how the 
fraction a 0 rises with pH as a x falls, the fraction of HX decreases and 
that of X - rises as strong base is added to convert HX to X - . At all 
points, a 0 + a x = 1. More generally useful will be the plots of log a 
shown in Figure 4-6. Here one can read the smaller values which look 
like zero in Figure 4-5. 
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To construct a pH problem-solving method we proceed just as 
with the ratios and find the material balance expression for the 
fractions just derived from the equilibrium condition equation. From 
the derivation of equation (3-2) we have (C is the total of HX and X“) 



oc'o = X/C = {C b + H — OH )/(C a + C b ) 
aj = H X/C = (C a - H + OH)/(C 0 + C b ) 



(4-4) 



We have called these material balance functions the a' fractions. 
They equal the equilibrium a fractions only at one value of H at 
which equilibrium and material balance conditions are simultaneously 
satisfied. This can be found graphically or programmed for computer 
solution. For pure acid and base, C b or C a zero, a simple, invariant 
shaped curve results in the logarithmic plots. 



6 pH 8 10 12 




Figure 4-7. Material balance curves. For 1 M pure acids, logao = 
logX. For 1 M pure bases, loga'j = logHX. Log C refers to X on 
left and to HX on right. 
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For pure acid solutions, with C b = 0, we get from equation (4-4) 

a ’ 0 C a = H - OH = D, log a ' 0 = log D — log C a (4-5) 

The plot of log a ' 0 vs. pH is a straight line except near pH 7, where OH 
is not much smaller than H. This line is shown as the left half of 
Figure 4-7 up to C a = 1. These are the a’s for C = 1. For pure base 
solutions, with C a = 0, we get from equation (4-4) 

*\C b = OH - H = - D, log a' x = log ( — D) — log C b (4-6) 

This produces a mirror-image plot of the acid case above, and is 
shown as the right half of Figure 4-7. The log C shown as ordinate 
refers to log C b cc\ or log C a a' 0 , which are the logs of the concentrations 
of ions produced in the solution from either C a or C b . This method is 
used to help in the following problem-solving method. This log C is 
also log a for the cases C a or C b at 1 M. Thus, this same set of curves 
serves for all acid or base solutions, but not for buffers. We are now 
ready to find intersections of the equilibrium and material balance a 
curves to solve problems. 

Example 1. Find the pH of 0.010 M acetic acid, and also of 0.010 
M sodium acetate. 

When we place the top lines of the equilibrium a curves (Figure 
4-6) on the a' curves of Figure 4-7 at log C = — 2 and with their 
intersection at pH = p K a = 4.56 for total ionic strength 0.1 M, we 
produce the log C curves for HX and X, acetic acid molecules and 
acetate ions for the conditions of this problem. This superposition is 
shown in Figure 4-8. The intersections give the simultaneous solutions 
for the two cases, s a for the acid at pH 3.28, and s b for the base at pH 
8.28. From the a lines, which are now log C lines, we can read off 
[C 2 H 3 O 2 ] = KT 3 - 28 in the acetic acid solution, and [HC 2 H 3 0 2 ] = 
10 “ 5 72 = OH in the acetate solution. 

Thus the approximate equations (3-3) and (3-4) hold here. This is not 
the case in the following example. 

Example 2. Find the pH of 0.020 M NaHS0 4 and of 0.020 M 
Na 2 S0 4 under conditions giving the conditional p K a as 1.74. 

We have log C = log 0.020 = —1.70. We place the curves of 
Figure 4-6 upon those of Figure 4-7 at log C, — 1.70, and p K a inter- 
section at pH 1.74. This produces Figure 4-9, from which we read the 
solution intersections s a at pH 1 .90 for the acid and s b at pH 7. 1 5 for the 
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Figure 4-8. Combination of Figures 4-6 and 4-7 as a pH calculator 
for 0.01 M solutions of acetic acid (intersection sj and of sodium 
acetate (intersection s b ) at ionic strength 0.1 M. 



base. This is a case in which the curvatures at the intersections show 
us that the approximate equations will not apply. The amount of 
HSO 4 forming ions in the acid case is large. We read from the a lines 
that the [HSO4 ] at equilibrium is 0.008 and the [SO|~] is 0.012. In the 
base solution, however, shows us that only 10 -7 2 M HSO4 
forms in the 0.020 M SO^ - solution. 

In this case, our sliding calculator saved solving quadratic 
equations. Such a sliding calculator can be constructed by putting the 
curves of Figures 4-6 and 4-7 on transparent plastic so that they can 
be superposed for any chosen p K a and concentrations. The 14-unit 
spread of Figure 4-7 is correct only for p K w 14.00. More generally, the 
V-curve of Figure 4-7 can be centered on pKJ2 for any conditions and 
moved up so that log a ' 0 and log a j hit log C at zero and pH 0 and p K w . 
For an example, we have published values for 25° and ionic strength 
0.5 M:pK w 13.68 and pK„4.48 for acetic acid. Place the top of 
Figure 4-7 to span pH 0-13.68 on the log C = 0 line of graph paper, 
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J 1 ] 1 1 I \J l I 1 L 

2 4 6 8 10 12 

pH 



Figure 4-9. Log a intersections for 0.020 M NaHS0 4 (s a ) and for 
0.020 M Na 2 S0 4 (s b ). 



and the Figure 4-6 lines centered on pH 4.48 at any chosen concentra- 
tion. Note that only the pK a change affects the pH of the pure acid 
solution, while the changes in both constants affect the pH of the 
conjugate base solutions. See equations (3-3) and (3-4). 

Buffers require a different treatment since their a' curves do not 
have invariant shapes like those above. Using total C = C a + C b , we 
can write equations from (4-4), for buffers, 

«o = CJC + (H - OH)/C, aj = CJC - (H - OH)/C (4-7) 

Thus, to calculate a' values to plot, we must choose not only H but 
also C a and C b , and we get different curves for various concentrations. 
A set of a j curves is shown in Figure 4-10 for a variety of buffer ratios 
and total C constant at 0.100 M. When the buffer ratio R b , which is 
CJC b , is equal to infinity, we have C b = 0, the pure 0.100 M HX 
solution. At the other extreme, C a = 0, we have the pure conjugate 
base. These lines have been included for comparison. The log a' 0 set 




Figure 4-11. Expanded-scale log a diagram for 0.02 M HS0 4 , 0.02 M SO; 
buffer showing both intersections at the same pH, s. 
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would be a mirror image set and would be equally useful in most 
circumstances. An example solution for a buffer requiring a quadratic 
equation is shown as Figure 4-11. This shows both intersections for a 
solution of 0.020 M NaHS0 4 and 0.020 M Na 2 S0 4 . The intersections 
of the two (*! lines and of the two a 0 lines must agree in pH for any 
solution. Usually one is in a more easily read part of the diagram. 
Compare Figures 4-8-4-11. Generally, for buffers, the ratio method of 
Figures 4- 1-4-4 is simpler to use. Placing the a curves of Figure 4-6 
on the buffer diagram of Figure 4-10 with pH = p K a at the top will 
solve for the pH of all these solutions at the a x intersections. 

3. Logarithmic Concentration Diagrams: H and OH 
Intersection Method 

A method quite similar to the log a method just shown has 
recently become widely used in textbooks. It employs the same log a 
lines placed at the proper log C and p K a position as just shown. This 
gives the log C for the species since we have by definition of the a 
fractions (C is the total X) 

HX = a x C X = a 0 C 

log HX = log <*! + log C, log X = log a 0 + log C 

Thus, when the a’s are at their maximum, near 1, log a is zero and the 
log of the species is log C. Next in this method one adds the lines for 
log H and log OH for reference — these are already implied in the pH 
coordinate. pH problems are then solved by looking for points which 
satisfy the conditions of the problem. Usually these will be material or 
charge balance conditions. Thus, one does the same reasoning as in 
the log a method above, but in reverse order, which leads to complica- 
tions in the cases for which the approximate equations (3-3)— (3-7) 
do not apply. The construction and use of these diagrams are illustrated 
in the following examples. 

Example 3. Construct the log C diagram for all the species (except 
H 2 0) present in the 0.100 M acetate system at any pH. Use it to 
deduce the pH of the pure acid and pure base solutions. 

(a) Place the log a lines of Figure 4-6 upon the pH-log C 
coordinates with the system point, their intersection at 
pH = p K a and their top at log C = — 1 for the 0.100 M 
system. 
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(b) Add the H and OH lines, 45° crossing at — 7, 7. This is 
always true if pK w is 14.00. 

For this case let us use 0.1 M ionic strength again and put 
pH = p K a = 4.56 and p K w = 13.80. This moves the OH line 0.20 pH 
unit to the left and makes it intersect H at pH 6.90. 

We now have log C lines for all four variable species of interest 
in this system (Figure 4-12). Figure 4-12 is called the log concentration 
diagram for the 0.1 M system. To solve for pH, look at the several 
intersections : 

For pure 0.100 M acetic acid, charge balance requires 
H = OH + [C 2 H 3 0 2 ] 

In acidic solutions we see that the OH line is far below the others and 
H = [C 2 H 3 Oj] is a good approximation, here. This equality occurs 




Figure 4-12. Logarithmic concentration diagram for 0.100 M acetate 
systems. Intersections: 1, pure acid; 2, pure base; 3, 1 : 1 buffer, the system 
point. 
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Figure4-13. Comparison of log C and log a methods for 2 x 10 ~ 7 M acetate 
systems. The log a' lines are dashed where different from the H and OH lines 
of the log C method. 



at intersection 1, at pH 2.8. For the 0.100 M conjugate base solution, 
from the derivation of equation (3-2) we have the proton balance 
condition 

HX = OH - H 



If the H term is small, we have HX ^ OH, which occurs at intersection 
2, at pH 8.7. Here HX and OHare 10~ 51 , which makes them compati- 
ble with the approximation made. For a 1 : 1 buffer, C a = C b = 0.050 M, 
we are at the system point 3 at pH 4.56 if H and OH are much smaller 
than C a and C b , equation (3-2). This valid here, but becomes less so as 
the solution is diluted, as the a lines are lowered. 

The advantage of these diagrams is that they can be easily 
constructed, mainly of straight lines and connecting curves, to show 
all the species in a solution at equilibrium. Let us show how these 
differ from the previous log a diagrams in a critical example. 
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Example 4. Construct and compare the log C and the log a 
diagrams for the acetate system at 2 x 1CT 7 M. Use K° values. We 
slide the log a lines of Figure 4-12 down to the new log C, —6.70, and 
set pH = p K° = 4.76 at the system point intersection, and use 14.00 
as the pH spread. This produces Figure 4-13, in which we have added 
in dashed lines the curved portion of the a! lines of Figure 4-7. That is 
the only difference between the two types of diagram. What is the 
difference in their uses? In this system we see that no terms are 
negligible in the charge and proton balance equations which we used 
above. Thus, the log C diagram only tells us that we must resort to 
algebraic methods to get a precise solution. Even a 1 : 1 buffer can be 
nowhere near the system point pH since the H would be much 
greater than the [HX] put into the solution. The log a' intersections 
with the log C lines do give the correct pH values for the pure conjugate 
acid and base solutions : pH 6.6 and pH 7.0. The log C diagram does 
show that acetate is effectively 2 x 10" 7 M in both solutions, that is, 
a 0 S 1. This value can be used in the numerical solutions if one does 
not proceed to the log a' method. In this case, where the full cubic 
equation form of (3-2) is required, only methods that take account of 
all terms will work. The log ratio and the log a' diagrams do this. 

4. Summary 

Three types of diagrams have been shown for describing mono- 
protic acid-base systems. These methods reinforce the conclusions of 
Chapter 3 about the importance of various terms in the complete 
equation (3-2). It is unlikely that one would plot these graphs from 
scratch to solve a problem. But, once available, they do help choose 
among approximate and more complete methods of solution. 
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Problems 

1. Use a straightedge to estimate the pH of the following solutions from Figure 4-3 
or 4-4. Compare the results with the approximate equations and explain the 
differences. See the algebraic solutions in Chapter 3. 

a. 0.01 and 0.10 M trichloroacetic acid, p K a = 0.7. 

b. 1:1 trichloroacetate buffers, C a = C b = 0.10 Af, and also 0.010 M. 

c. 0.010 and 0.10 M trichloroacetate alone, C a = 0. 

d. A trichloroacetate buffer with C a = 0.20 M and C b = 0.010 M. 

e. A trichloroacetate buffer with C a = 0.010 M and C b = 0.10 M. 

2. Use Figure 4-3 and a straightedge to estimate the pH of 0.10 M solutions of acids, 
bases, and buffers (1 : 1) of systems having p K a 0, 2, 4, 6 , 8 , 10, and 12. Compare the 
results with those plotted in Figures 3-1 and 3-4. 

3. Show numerically that the same shape a curves are obtained from equations (4-3) 
for the acetate system and the ammonium system using p K a 4.7 and 9.3. Sketch 
these roughly on the same diagram and indicate the regions in which one expects 
to find (a) dilute acetic acid, (b) dilute NH 3 solutions, (c) dilute NH 4 C 2 H 3 O 2 
solutions, (d) a solution which has 0.010 M NH 3 and 0.10 M NH 4 . Give reasons. 



4. Show that equations (3-1) and (4-3) give the same result for the ratio oq/a 0 . Show 
what the difference is between the buffer ratio R b = CJC b and the equilibrium 
ratio R e . Which one is olJolq! 

5. Give a chemical interpretation of what is changing as one moves across the log a 
and log a' diagrams, Figures 4-6 and 4-7. How can these changes be brought about 
in practice? 



6 . In this chapter we used only a© or gc\ for specific cases, except in Figure 4-11. For 
pure acid and pure base cases, sketch all four lines, a ' 0 and for each, and compare 
the intersections for acetic acid with the ones in Figure 4-8. 

7. Calculate enough points to sketch the log R e , material balance, curves for pure 
acid and for pure base, each 2 x 10 ~ 7 Af. Add the acetic acid R e line and get the 
pH to compare with the other method in Figure 4-13, Example 4. Interpret your 
curves as to their limiting values. 

8 . Figure 3-3 shows that 1 : 1 buffers can change pH as they are diluted, yet Figure 4-1, 
which is also from a complete equilibrium calculation, shows that a pH uniquely 
fixes the ratio of conjugates. Explain why these are not inconsistent. 



9. Make a tracing of Figure 4-10 and place upon it the log a lines of Figure 4-6 at 
p K a 4.00. Read off the pH of the various buffers and compare with Figure 3-4. 
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1 0. How should one approach the problem of explaining monoprotic pH and buffering 
to those new to it? Which of the methods you have met do you find to give the 
clearest understanding of the factors in these equilibria? Is this necessarily the 
best approach for the novice? 





Polyprotic 

Acid-Base Equilibria: 
Relations and Diagrams 



In this chapter we show the general forms of multistep equilibria 
and their similarity for polyprotic acid-base and for polyligand 
metal ion-ligand equilibria. We consider only mononuclear cases, 
meaning that one central species accepts protons or ligands, as the 
case may be. Rarer polynuclear examples are H 2 F 2 and Ag 2 I + . 



1 . Constants and Conventions 

The first complication to deal with is the still-common treatment 
of acid-base equilibria in the “dissociation” direction using acidity 
constants : 

HX + H 2 0 H 3 0 + + X~ 

K = (h 3 o + )(x~)/(hx) 

For polyprotic anions we shall use A subsequently. Other types of 
equilibria are now frequently, but not universally, treated as forma- 
tions : 

M + L ^ ML, K\ = (ML)/(M)(L) 

where M is a metal ion (or any Lewis acid), and L is a ligand (or any 
Lewis base), charges not specified. For example, the first step of 



57 




58 



Chapter 5 



complexing in the silver(I)-ammonia system is 
Ag + + NH 3 Ag(NH 3 ) + 

K\ = (Ag(NH 3 ) + )/(Ag + )(NH 3 ) 

There is a trend now to use formation directions for all cases, including 
acid-base. 1 However, acidity constants are so commonly used that 
we shall have to be able to shift between the systems. Let us look at 
examples of often used relations among the species in multistep 
equilibria. 

(a) If a metal ion takes up to four ligands (charges not shown), we 

have 



M + L ML 


K° (ML) 

1 (M)(L) 


ML + L ML 2 


r o (ML 2 ) 

2 (ML)(L) 


ml 2 + l^ ml 3 


r c (ML 3 ) 

3 (ML 2 )(L) 


ML 3 + L ML 4 


r o (ML 4 ) 

4 (ML 3 )(L) 



(b) If a base takes up to four protons (like the EDTA 4- ion) 



H 4 A 



h 3 a- 

h 2 a 2- 

HA 3- 



H + + H 3 A - 
H + + H 2 A 2- 
H + + HA 3 ~ 
H + + A 4- 



k: 



K° 



K l 



k 4 



(H + )(H 3 A~) 
(H 4 A) 

(H + )(H 2 A 2- ) 

(H 3 A-) 

(H + )(HA 3- ) 

(h 2 a 2 -) 

(H + )(A 4 ") 
(HA 3- ) 



(5-lb) 



Clearly, the one system is the reverse of the other, chemically, and the 
inverse, mathematically in the K's. In Stability Constants of Metal Ion 



See L. G. Sillen and A. E. Martell, Stability Constants of Metal Ion Complexes , 
Special Publications No. 17, 1964, and No. 25 (Supplement), 1971, The Chemical 
Society, London. 
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Complexes (see footnote 1) and many other international publications, 
the cases in (b) will be listed as in the (a) example, so that if one wants a 
traditional K ai for this acid one looks up K 4 for the species A 4- . That 

is, 



A 4- + H + 



HA 3 



K° 



(HA 3- ) 
(A 4_ )(H + ) 



(KJ 



1 



and so on to H 4 A with X 4 = (K^) -1 . 

The two sets just given are in abbreviated chemical form. Water 
is critically needed in these reactions : 



M(H 2 0) 4 + L M(H 2 0) 3 L + H 2 0 
H 4 A + H 2 0 H 3 0 + + H 3 A" 

(As usual, we take water activity as one in dilute water solutions.) 
This does not change the mathematical dependence for these constants 
as we discussed in Chapter 2. 

Overall constants, called betas, are sometimes useful. They are 
obtained by multiplying successive step constants : 

[1° = K° 

Pi = K°K° 2 = (ML 2 )/(M)(L) 2 
PI = K°K° 2 K° 3 = (ML 3 )/(M)(L) 3 
PI = K°K° 2 K° 3 Kl = (ML 4 )/(M)(L) 4 



Notice in set (5-2) how all the intermediate species cancel in these 
multiplications. While these betas are mathematically correct rela- 
tions, they do not imply any corresponding single-step chemical 
reactions, as was formerly thought. Until it is proved otherwise, we 
may safely assume that all systems of the types shown in sets (5- la) 
and (5-lb) are single-proton transfer, or ligand addition, step processes. 
To avoid confusion, we shall use p only for the formation direction. In 
protonic systems we shall write out products of acidity constants 
rather than trying to define a P in that direction. 



2. Alpha Fractions and Diagrams 

Because of the varied spacings of p K a values, the polyprotic 
acid-bases do not have uniquely shaped a diagrams as do monoprotic 
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systems. Let us see how to get the a expressions as functions of H for 
a triprotic case. Extension to other cases will be clear. Let the sum of 
all species of the system be C. For this system we have 

C = [H 3 A] + [H 2 A] + [HA] + [A] 



a 0 , the fraction which is A (zero protons), is 



a 0 



= [A] = p 

C 



[ H 3 A] [H 2 A] [HA] 

[A] 



[A] [A] 

The reciprocal form is used to give us simple ratios. These ratios are 
easily found in terms of H from the K a expressions, set (5-1) : 

[H 3 A] _ H 3 [H 2 A] _ H 2 [HA] _ H 

[A] ~~ [A] ~ K 2 K 3 ’ Ta]~ " 



(5-3) 



Substituting these into the a 0 expression above gives 



a 0 



H 3 

~~ K X K 2 K 3 



+ 



H 2 

k 2 k 3 



H 

+ k7 + [ 



The remaining a’s can be obtained in the same way, or more simply 
from the a 0 already found : 



[HA] [A] [HA] [HA] H 

CL i — — — CL o — CL q 

1 C C[A] 0 [A] °K 3 

[H 2 A] [A][H 2 A] [H 2 A] h 2 

C C[ A] [A] °K 2 K 3 

[H 3 A] H 3 

CL 3 — — CLr\ 

° ^ IS TS TS 



(5-4) 



These rather complicated cubic H curves turn into symmetrical plots 
vs. pH. 

For citric acid, 



OH 

I 

HOOC-CH 2 -C-CH 2 — COOH 

I 

COOH 



we have the following experimental constants at 25° and / = 0.1 M : 
p = 2.93, pK 2 = 4.36, p K 3 - 5.74 
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Table 5-1 



PH 


a o 




a 2 


a 3 


1 


9.2 x 10 “ n 


5.0 x 10“ 6 


0.012 


0.988 


3 


4.2 x 1( T 5 


0.023 


0.528 


0.448 


5 


0.128 


0.708 


0.162 


0.002 


7 


0.947 


0.052 


1.2 x 10“ 4 


1.0 x 10~ 8 



There is a p K A at about 16 for the OH group which is not active in the 
low-pH solutions of interest here. Thus, this is effectively a triprotic 
acid. These are acidity constants. 

Now one obtains the a values by substituting chosen H values 
in the expressions of equation set (5-4): for example, consider Table 
5-1. Plotting a suitable number of such points vs. pH produces the 
diagram in Figure 5-1 for the variation of the four species with pH. 
It has some important features which are repeated in all the acid-base 
and M-L systems. The upper intersections occur at pH values equal 
to the p K a values. Referring to set (5-1) shows why this must happen. 
When a 3 = oe 2 , then [H 3 A] = [H 2 A], and p K r = pH = 2.93. If 
one prepares a solution of NaH 2 A aimed at the maximum of a 2 , small 
and nearly equal amounts convert to H 3 A and HA and one may expect 
the pH to be half-way between the p K a values, UpK a , + p K 02 ) — 3.64. 
However, this must be checked in the complete H equations. Even 
more uncertain from this diagram is the pH expected for solutions of 
H 3 A or A alone. Other diagrams and algebraic methods will be 
introduced for these cases. 



3. Log Ratio Diagrams 

We introduced the monoprotic ratio methods in Chapter 4. We 
shall treat only the equilibrium condition ratio here. While the a’s of 
Figure 5-1 show the variations of species in a most clear way, they are 
tedious to plot unless programmed for computer calculation and auto- 
matic plotter. The log ratio diagrams are composed entirely of 
straight lines and can be plotted in a few minutes. They contain all the 
information of the a diagrams, though in less clear display. We shall 
show how to derive the a diagrams from these log ratio plots. Let us do 
this for citric acid. 
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Figure 5-3. The equilibrium ri (proton number; dotted) for the citrate system at ionic 
strength 0.1 AT 25°. The solid lines are four material balance n lines for the solution of 
Example 1. 



1. Get the species ratios and take their logs. [See equation sets 
(5-1) and (5-3).] The ratio between any species and a chosen reference 
species can always be expressed in terms of K values and H alone. We 
choose the central H 2 A for convenience, for a more symmetrical 
diagram. We have 



R 3 -2 = [H 3 A]/[H 2 A] = H/K i , 
R 2 . 2 = [H 2 A]/[H 2 A] = 1, 

R U2 = [HA]/[H 2 A] = K 2 /H, 
r 0 _2 = [A]/[H 2 A] = k 2 k 3 /h 2 



log R 3 -2 = P K i - P H 
log R 2 _ 2 = 0 
logf?i. 2 = pH - p K 2 
log R 0 -2 = 2pH - pK 2 



(5-5) 

P*3 



2. The diagram. Place the reference horizontal for log R 2 _ 2 at 
the center (Figure 5-2). Next, add log R 3 . 2 , which is a line of slope — 1 
and intercept pA^ at pH = 0. It must also pass through pH = p 
at log f? 3 _ 2 = 0. For the others we have, respectively, for slope and 
intercept at pH = 0 

log R 1 - 2 : + 1 -P ^2 

log R 0 . 2 ■ +2 -p (K 2 K 3 ) 

Comparison of this diagram with Figure 5-1 shows that the intersec- 
tions occur at the p K values, as they should. (When two ratios are 
equal, their numerators are equal, and thus the a values are equal.) 
The other intersections also agree with the algebra: e.g., a 3 = a 0 
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when R 3 _ 2 = R 0 _ 2 , which occurs, according to set (5-5), at pH = 
ip(X,X 2 X 3 ), or pH 4.34. 

Both Figures 5-1 and 5-2 show the relative amounts of species 
at any pH. This is helpful in choosing approximate numerical methods. 
For example, from pH 1 to 3, H 3 A(a 3 ) and H 2 A(a 2 ) are the major 
species. R 1 _ 2 is two log units below R 3 . 2 and R 2 . 2 , so a l is under 1% 
ofa 2 and a 3 . We may correctly conclude that the K t expression alone 
describes the major citrate pH effects in this pH range. However, 
near pH 4, H 3 A, H 2 A, and HA are all significant, so that we need 
both K 1 and K 2 to treat the major species in equilibrium. 

The citric acid a diagram could be constructed from the ratios 
read from Figure 5-2 as follows. At pH from 0 to 2, the a 3 line must 
be above 0.9 since R 3 . 2 is more than one log unit above any other R. 
Next we choose simple ratios to examine. At low pH where a 0 and a, 
are still insignificant on the a plot, log/? 3 . 2 = 1 (at pH 1.93) tells us 
that R 3 . 2 = 10/1, so that a 3 = 10/1 1 and a 2 = 1/1 1, or 0.91 and 0.09. 
Then a 3 and a 2 must cross at pH = p = 2.93. 

R 3 . 2 and R u2 cross at pH 3.64 and log R — 0.72 (R = 0.19) in 
Figure 5-2. This tells us that a 3 /a 2 = a t /a 2 = 0.19. Since R 0 , 2 is 
small here, we may approximate (total fractions = 1) 

0i 3 + «2 + a l = 1 

0.19a 2 + a 2 + 0.19a 2 = 1 

a 2 = 0.72 and = a 3 = 0.14 

Continuing in this way, we can construct an approximate a diagram 
suitable for many purposes. 

Another useful approximation in this construction is that the 
maxima of a 2 and a x occur over the crossings of the adjacent species. 
[This can be proved by differentiation of the a expressions, set (5-4).] 
If the maximum of a 2 occurs over the crossing of a 3 and a l5 we can 
set equal the expressions for P 3 _ 2 and R U2 [set (5-5)] to find simply 
that H = (X 1 X 2 ) 1/2 . Next we substitute this H in the a 2 expression 
in set (5-4), omitting the final term, which is the small contribution 
from the a 0 . This gives 

®2max = (H/Xj + 1 + X 2 /H)~ 1 = [1 + 2(X 2 /X 1 ) 1/2 ]" 1 

Putting in the K values for citric acid, we find a 2max = 0.72. Similarly, 
a imax occurs approximately at pH 5.05 at 

«lmax = [l +2(K 3 /K 2 r 2 ]- 1 =0.71 
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4. Graphical Solutions to Polyprotic pH Problems 

If we could know the equilibrium fractions a of the species 
present, it would be a simple matter to find the pH of solutions. 
However, we usually know only the initial materials, the analytical 
concentrations. Algebraic methods of approximation will be given 
in the next chapter. The graphical methods here help in understanding 
these equilibria and in evaluating the approximate equations to be 
found later. 

We follow a similar course to that in Chapter 4, where the inter- 
section of equilibrium and material balance fraction functions solves 
the problem. Here, the fraction of combined protons is needed. Take 
the sum of all available H acidity (using a triprotic example) 

C H = [HA] + 2[H 2 A] + 3[H 3 A] + D (5-6) 

For example, a 0.1 M H 3 A solution should have C H = 0.3 M but 
distributed in an unknown proportion among the terms on the right- 
hand side of equation (5-6). We can rearrange this to get two expressions 
for the bound proton concentration : 

[bound acidity] = C H — D = [HA] + 2[H 2 A] + 3[H 3 A] 

Now, C H — D is just the material balance statement that the bound 
acidity is the total acidity minus the unbound acid D. The other term 
is the sum of the equilibrium species binding protons. Next we obtain 
our ratio of bound acidity to the total A species C. This is the average 
number of protons per A, called n, a very useful experimental function. 
Divide by C : 

[HA] + 2[H 2 A] + 3[H 3 A] _ C H - D 

c - c 

We call the first n, and the second having the same significance as in 
Chapter 4, for equilibrium condition and for material balance condi- 
tion, respectively. From the definitions of the a fractions in set of 
equations (5-4), we can write these as 



<Xi + 2a 2 -t- 3a 3 = n, (C H — D)/C = n' (5-7) 

The complete expressions for a’s and D in terms of H [set (5-4)] would 
give us a correct fifth degree equation in H, putting n = n'. [In general, 
the complete equation for an rc-protic system is of ( n + 2)th degree in 
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H.] Numerical solutions are traditionally accomplished by approxi- 
mations. How to make valid approximations should become clear 
after study of relevant a diagrams and graphical methods. Clearly 
we have the same situation as in Chapter 4. We can plot the two « 
functions to find their simultaneous solution instead of solving the 
fifth degree equation. Once the system (K fl ’s) are chosen, n vs. pH is 
defined. Once C and C H (the materials put into solution) are chosen, 
the n' vs. pH curve is defined. If a diagrams, or values, or computer 
programs are already available for the substance in question, this 
may be the best way to solve a pH problem. The method to follow 
illustrates all the variety of polyprotic solution situations that can 
arise and should clarify the valid approach to understanding them. We 
again have a function of invariant shape in n', but not in n. 

Example 1. Examine the pH of NaH 2 citrate solutions at ana- 
lytical concentrations from 0.10 M to 10 -4 M. Assume 0.1 M ionic 
strength and visualize the initial species placed in solution as Na + and 
H 2 citrate - ions. 

Figures 5-1 and 5-2 allow us to decide that, at most, only 72% 
of the citrates can remain as this H 2 A~ ion. If we are near this maxi- 
mum, as shown above, the pH is near 3.64 [(J%K 2 ) 1/2 ] and a 0 is small. 
As in the approximation equation (3-5), this shows no relation to 
concentrations, and so cannot be complete, since all solutions 
approach neutrality as C — > 0. Let us see what n' and n in the complete 
expression, equation (5-7), add to this. 

The equilibrium n curve for this citrate system is shown as the 
dotted plot in Figure 5-3. [This could be obtained from a values 
read from Figure 5-1 and used in the left expression of equation (5-7).] 
It shows the average number of protons per citrate, starting from 
three in acid solution, and falling toward zero in basic solution. If the 
approximate answer above is valid, we are at n = 2.00. This follows 
ifa 3 = <Xi . Calculate n' for our solutions with C H = 2C, and C = C in 
equation (5-7) : 



n' = Ch/C - D/C 



ri = 2 — 


10D 


for 0.10 M solution 


n f = 2 — 


100D 


for 0.010 M solution 


n' = 2 - 


1000D 


for 0.0010 M solution 
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Table 5-2 



PH 


pOH 




n 




C = 0.10 M 


0.010 M 


0.0010 M 


1.0 





1.0 








1.3 


- 


1.5 


— 


— 


1.7 


— 


1.8 


0 


— 


2.0 


— 


1.9 


1.0 


— 


2.3 


— 


1.95 


1.5 


— 


2.7 


— 


1.98 


1.8 


0 


3.0 


— 


1.99 


1.99 


1.0 


4.0 


— 


2 


1.99 


1.9 


6.9 


— 


2 


2 


2 


9.8 


4.0 


2 


2.01 


2.1 


10.8 


3.0 


2.01 


2.1 


3.0 


11.8 


2.0 


2.1 


3.0 


12.0 


12.8 


1.0 


3.0 


12.0 


102.0 



D is effectively H in acid solutions and — OH in basic solutions. We 
must use D = H — OH near neutrality. The pH values in Table 5-2 
demonstrate the invariant shape of this function. The plot of such a 
curve is shown in Figure 5-4 for the case of C = 0.010M NaH 2 citrate, 
Ch/C = 2. The basic portion can be understood to arise from possible 
basic behavior ; the ion accepts protons from water, producing OH~. 
This is an inverted mirror image of the acid half. We centered around 
pH 6.9, for p K w = 13.80 for 0.1 M ionic strength. The invariant 
portion shown boxed in Figure 5-4 needs only to be placed upon the 
equilibrium n diagram so that its horizontal lies along h = Ch/C, and 
with the cross mark at n = (Ch/C - 1), at pH = -logC. In basic 
cases, the box can be inverted and rotated 180° and be placed at 
corresponding positions : cross at ( Ch/C + 1) at pOH — log C. Thus 
we can shift the W curve along the pH axis to read off the intersection 
values for any chosen C. in our problem. This is shown in Figure 5-3, 
where relevant portions of this h' are shown for the 0.10 to 10~ 4 M 
H 2 citrate cases. The intersections occur at pH values 3.64, 3.66, 3.83, 
and 4.34 for these four concentrations a factor of 0.1 apart. Thus, 
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Figure 5-4. The material balance ri plot for the case C H = 0.020 M, C = 0.010 M. The 
boxed portion is invariant in shape for C above 10 -5 M. 



we find that the approximate ampholyte equation, pH = (K 1 K 2 ) 112 , 
holds above 0.01 M while the full n treatment correctly predicts an 
approach toward neutrality with dilution. 

It is now a simple matter to use the same method to solve any 
problem in the citrate system, by moving the n' fragment to the proper 
position in Figure 5-3. For example: 

1. A 1 : 1 buffer 0.0050 M in each of citric acid and NaH 2 citrate 
gives us C H = 0.0250 M and C = 0.010 M. We have n' = 2.5 — 100D. 
Placing the horizontal of h' (Figure 5-4) on 2.5 and the crossed point 
at n = 1.5 and pH 2.00 allows us to read off the intersection at 
pH 3 .05. The approximate buffer equation (3-5) predicts pH = pK, = 
3.13. 

2. Pure 0.010 M citric acid has C H = 0.030 Af and C = 0.010 M. 
We have n' = 3 — 100D. Placing the horizontal of n' at 3 and the 
crossed point at n = 2.00 and pH 2.00 gives the intersection at pH 2.5 1 . 

This method becomes impractical for pure trisodium citrate 
and concentrated citric acid solutions, where both the n and the n' 
curves are nearly horizontal, below pH 2 and above pH 8. But in these 
regions approximations treating the species as single monoprotic 
donors or acceptors work. Figure 5-1 shows that K j governs below 
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pH 2 (at and a 0 are negligible) and that K 3 governs above pH 6 (a 2 
and a 3 are negligible). 

Figure 5-5 shows the contrasting a diagram for the phosphate 
system with p K a values 1.95, 6.80, and 11.67 at 25° and / = 0.1 M. 
This looks like three separate monoprotic cases (Figure 4-5). Indeed, 



l 

a 

0.5 
0 

Figure 5-5. The a fraction curves for the phosphate system at ionic strength 0.1 M at 25°C. 




2 4 6 8 10 12 

P H 




2 4 6 8 10 12 

pH 

Figure 5-6. The equilibrium n curve (dotted) for the phosphate system at ionic strength 0.1 M 
at 25°. The solid line is n for the solution of Example 2. 
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most phosphate buffers can be treated accurately using simple ratio 
approximations. The ampholytes, near the maxima of a 2 and a t , will 
require two constants for accurate results. The phosphate n curve 
(Figure 5-6) again emphasizes the difference from the citrates (Figure 
5-3). 

The four possible situations which occur in polyprotic systems 
may be simply described in terms of the ratio of available acidity 
to the total anion, Ch/C. Methods of approaching pH problems for 
all these types are given in this chapter and in Chapter 6. 

Pure acids: Ch/C = n, the maximum number of protons the 

anion will accept. 

Pure bases : C H = 0, the anion alone. 

Ampholytes: Ch/C = 1, 2, ■ • • up to n — 1, integral values only. 

Buffers : Ch/C = nonintegral values between zero and n. 

As in monoprotic cases in Chapter 3, we stress the necessity of allowing 
possible neutralizations to go to completion before computing C H . 
For example, mixing 6 mmol of H 3 P0 4 , 1 mmol Na 3 P0 4 , and 3 
mmol NaOH in 100 ml yields a C H of 0.15 and C = 0.07, which give a 
maximum possible n of 2.14, a buffer solution in the region governed 
largely by . When the K values are widely separated, this ratio 2.14 
tells us that H 3 A and H 2 A~ must be the major species. It should be 
helpful to focus on this ratio Ch/C in each example as an aid in orient- 
ing one to the proper pH region in these systems. 

Example 2. Find the pH of a buffer made to be 0.030 M in 
H 3 P0 4 and 0.020 M in NaH 2 P0 4 . Here we have C H = 0.130 M and 
C = 0.050 M. In equation (5-7) this gives us 

n' = 2.60 - 20D 

This is plotted over the equilibrium n in Figure 5-6. The intersection 
is at pH 2 .05, and a 3 and a 2 are 0.44 and 0.56. The approximate buffer 
ratio might lead us to expect these to be 0.6 and 0.4 at pH 1 .77, using the 
expression. Thus, the n method has solved the quadratic for us in 
this case. 

Mixtures of two systems are most difficult to treat by any means 
other than the graphical, or computer, methods based upon the n 
function. For a final example in this section, we look at such a mixture 
published in handbooks as Mcllvaine’s buffers. 
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Example 3. The published pH 5 mixture requires 9.70 ml of 
0.100 M citric acid and 10.30 ml of 0.200 M Na 2 HP0 4 . Let us dilute 
this to a total volume of 60.0 ml to obtain an ionic strength about 0.1 
so that our n diagrams are valid. Taking into account these dilutions, 
the analytical concentrations taken are 

total citrates C c = 0.0162 M 

total phosphates C p = 0.0343 M 

total acidity C H = 3 C c + C p = 0.0829 M 

After equilibrium is reached, the acid balance is 

C H = rtpCp + fi c C c + D 

(At pH near 5, D = H.) Inserting the values given, we obtain 

C H = 0.0829 - n p (0.0343) + n c (0.0162) + H 

Now, we have only to read off n values for chosen H on the curves of 
Figures 5-3 and 5-6 until satisfactory closeness in balancing this 
equation is achieved. For example, at pH 5.00 we get 

C H = 1.98(0.0343) + 1.03(0.0162) + 10" 5 = 0.846 

At pH 5.10 we get C H = 0.830. By plotting, or simple interpolation, 
we soon find that 5.1 1 satisfies the C H equation. The ionic strength at 
these proportions turns out to be 0.08 M. Taking the/ + for hydronium 
as 0.83, we get 5.19 as the expected pH meter reading for this diluted 
buffer. Note that, in agreement with the diagrams for these acids, the n 
values show us that citrate is mainly HA 2- and phosphate is H 2 A“ 
in the resulting solution. 

5. Logarithmic Fraction and Concentration Diagrams 

Plots of the logarithms of a values for the citric and phosphoric 
acid systems above are shown in Figures 5-7 and 5-8. Since, by defini- 
tion, a„C = [H„A], we can write 

log [H„A] = log a„ + log C 

Thus, we can obtain the log C„ line for any species H„A by moving the 
log a diagram log C units as shown in Figure 5-9, in which Figure 5-8 
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has been lowered two units to produce the log C diagram for the 
0.010 M phosphate system. As with the log C diagrams for monoprotic 
systems in Chapter 4, we can locate approximate pH regions for 
various solutions of given analytical concentrations and make deci- 
sions about negligible species to help in calculating refined results. 
The H and OH lines can be added as before to assist. Let us examine 
two examples at extremes at which the n method above is less practical. 

Example 4. Find the pH of pure 0.010 JVf H 3 P0 4 solution. 
Assume total ionic strength at 0.1 M and that D = H in these acid 
solutions. 
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Figure 5-8. Log a diagram for the phosphate system at / = 0.1 M at 25°. 

Charge balance requires 

H = OH + [H 2 P0 4 ] + 2[HPOL] + 3[POL] 

But the diagram (Figure 5-9) shows that a^oto and OH are all very 
small where a 3 (H 3 P0 4 ) is large, so that we have 

H =s [H 2 P0 4 ] 

This crossing occurs at pH 2.20, the antilog of which gives 

H = [H 2 P0 4 ] = 0.0063 and [H 3 P0 4 ] = 0.0037 M 
These check in the K l expression. 
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Figure 5-9. The logarithmic concentration diagram for the system 0.010 M 
phosphates at / = 0.1 M at 25°. The numbers refer to the concentration lines 
for H 3 P0 4 , HPOj“, and POj". Line 3 is for H 3 P0 4 , etc. 



Example 5. Find the pH of pure 0.010 M Na 3 P0 4 solution at 
0.1 M ionic strength at 25°. The combined material and equilibrium 
condition balances of equation (5-7) help here. C H = 0 in this case, and 
D = — OH at high pH. We have 

— D/C = 0Cj 2&2 -I - 3oc 3 •=: otj 

since a 2 and a 3 are very small when a 0 and ct 1 are large. Thus, we need 
to find the intersection of log OH and log[HP0 4 - ]- We have 
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— D = OH = otjC. This occurs at pH 11.55, which gives the result 
(using p K w — 13.80) 

OH - [HPOJ-] = 10' 2 25 = 0.0056 and [PO^ - ] = 0.0044 

These check in the K 3 expression. 

Various phosphate buffers can be treated in a similar way. In 
general, use of log C diagrams for polyprotic systems requires imagina- 
tive decisions about the region, major species, and what relations to 
look for on the diagram. No one set of steps guarantees quick, correct 
results, as we can get with the h method. With any method, the results 
should be checked against diagrams, K expressions, and common 
sense. 

Ionic Strength Effects. The computer plots of a and h for the 
citric acid system at ionic strength zero and 0.10 M are shown in 
Figures 5-10 and 5-11. These clearly demonstrate that ionic strength 
affects the more highly charged ionic equilibria more than the lower 
charged cases. Each successive K a becomes more acidic, more ion- 
forming, in going to higher ionic strength in this low concentration 
region which follows Debye-Hiickel behavior to fair approximation. 
The h value is correspondingly less at each pH value. In the case of 
the citrate buffer mentioned above, 0.0050 M in both citric acid and 
NaH 2 citrate, the pH at / 0.1 M was 3.05. If we use the zero-/ curve 
for h, the result is 3.22. 



6. Microscopic versus Macroscopic Equilibrium Constants 

In general, we deal with the apparent macroscopic, step equi- 
librium constants. When there are different base positions of similar 
proton affinity, the distribution among different species of the same 
charge may be an important consideration. For example, consider 
cysteine : 

HS— CH 2 — CHNH 3 + — COO“ 

The three macroscopic acidity constants determined by standard pH 
methods are pK l ^ 2.0, p K 2 = 8.33, and pK 3 = 10.50 at 20° and / = 
0.1 M (NaC10 4 ). There is no ambiguity in K x for the carboxyl proton 
in the protonated molecule in very acid solution (pH 2). 
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Figure 5-10. Two sets of a curves showing ionic strength effects in the citrate system. 
Solid lines are for / = 0.1 M, and dotted lines are for the zero-ionic-strength limit, 25°. 




Figure 5-1 1 . Proton number curves for the citrate system at 0.1 and 0 ionic strengths. 



However, in basic solution, four species may exist in appreciable 
fractions together because the NH 2 and — SH groups are of similar 
proton affinity : 

HS— CH 2 — CHNH 3 + — COO“ “S— CH 2 — CHNH 3 —COO - 

611 , H- 

hs— ch 2 — chnh 2 — coo - -s— ch 2 — chnh 2 — cocr 

The macro-constants K 2 and K 3 do not distinguish between the two 
- 1 anions, but use only their sum. Setting up the usual equilibrium 
expressions for the micro-constants, one can then show that kjk b = 
kjk c and that K 2 = k a + k„ and K 2 1 = k c ~ 1 + kj 1 . 
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Experimental determination of the values of micro-constants is 
difficult and few are available. For cysteine, this has been done 2 by 
comparing spectra at several pH values with those for similar mole- 
cules with fewer functional groups ( — SH, — NH 2 , — COOH). The 
results deduced for 23° (I variable but below 0.1 M) were p k a = 8.53, 
pk b — 8.86, pk c = 10.36, and p k d = 10.03. These lead to the macro- 
values p K 2 = 8.36 and pK 3 = 10.53, in reasonable agreement with 
those determined from pH methods mentioned above. The a diagram 
for such a system varies from those we have drawn by having the a 2 
portion divided between the two parts, in this case about § with the 
proton on — NH^ and j with it on — SH. The a diagram is shown in 
the reference cited in footnote 2. 

A detailed treatment of this topic is given by King. 3 



7. Summary 

Species fractions, a’s, and ratios between the members of any pair 
of species in equilibrium in mononuclear polyprotic systems have 
been shown to depend only upon H and the K values. Uses of plots of 
these functions have been illustrated in problem solving. The n 
function related to a’s is useful because it can be determined experi- 
mentally from analytical concentrations and a pH measurement. It 
also provides a fundamentally complete and rigorous approach to pH 
calculations. 

The pH in all diagrams refers to the molarity function because of 
the requirement for charge and material balancing in deriving some 
results. Conversion to activity can be accomplished after finding 
answers in molarity hydronium concentration. 
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Problems 



1. From the logR diagram (Figure 5-2), estimate the pH at which a 3 should fall to 
about 0.01 and check this on Figure 5-1. Repeat this at both ends of <x 2 and oq to 
clarify the relation of these diagrams. 

2. Use Figures 5- 1 and 5-5 to estimate the pH regions in which you expect the following 
solutions to fall. Which can be rather precisely located and which not? Use the K 
expressions to show why this is true at the expected pH values. For citrates and 
phosphates : H 3 A, KH 2 A, K 2 HA, K 3 A. 

3. Construct a log R diagram for oxalic acid systems at 0.1 M ionic strength. Estimate 
the pH of a buffer which is 0.010 M in oxalic acid and 0.100 M in NaHC 2 0 4 . Check 
your result by looking into the charge and material balance of the equilibrium 
species. Take the published conditional p K a values as 1.13 and 3.85 at 25°. 

4. Sketch approximate a and n diagrams for oxalic acid systems at I = 0.1 (constants 
in previous problem). Deduce the pH of 0.010 M solutions of (a) oxalic acid, (b) 
NaHC 2 Q 4 , (c) equimolar H 2 C 2 Q 4 and NaHC 2 0 4 both 0.010 M. 



5. Deduce the general form of the titration curves for 0.100 M solutions of citric and 
of phosphoric acid by 1.000 M NaOH by examination of their a and h curves in 
this chapter. Sketch the curves : pH vs. ml NaOH added for 100 ml of acid. 

6. Use Figure 5-11 and the h' intersection method to estimate the change in pH when 
0.1 mol per liter of NaCl is dissolved in 0.001 M citric acid. Assume that this is 
near zero ionic strength to start. Repeat for Na 3 citrate solution. 



7. Differentiate the a 2 and ol x expressions in equation (5-4) with respect to H. Then 
put in the K values for citric acid and find the H at the maxima by setting the 
derivatives equal to zero. 

8. Construct a log ratio diagram for the / = 0.1 A/ phosphate system. Estimate the 
pH of 0.010 M Na 2 HP0 4 from it. Test the result on the h diagram (Figure 5-6) and 
on the log a diagram (Figures 5-8 and 5-9). Apply the logC method by first 
deriving the approximate relation for this case that a 0 — a 2 = 100D. 





Applications of 

Acid-Base 

Relations 



In this chapter, we treat a variety of acid-base equilibrium situations 
to give practice in using pH calculations and concepts in a broad span 
of science. 



1. pH Indicators 

Titrations constitute a major application of quantitative calcula- 
tions and these receive a chapter to themselves later. Allied to this is the 
topic of color-change indicators used to signal end points in titrations, 
and also used for colorimetric pH determination. These indicators 
are intensely colored substances whose color changes with gain or 
loss of protons. The intense color ideally allows use of a quantity so 
small that only a negligible fraction of acid and base involved in the 
titration is used to change the color. 

A typical indicator is phenol red (phenolsulfonephthalein), a 
diprotic acid exhibiting two color changes as the phenolic protons 
are removed or returned. Its structure and a diagram are shown in 
Figure 6-1. It has pKi 1.5 and p K° 2 7.9. Just as with other acids, the 
concentrations of conjugates become equal when pH = p K a . In this 
case, there are two such points at which half the dye is red and half is 
yellow. The effects of ionic strength can be large, depending upon the 
charges of the ions formed by the indicator. (See the citric acid example, 
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Figure 6-1. Phenol red, structure of acidic zwitterion, 
H 2 A. a diagram: H 2 A, a 2 , red; HA“, a t , yellow; A 2- , a 0 , 
red. 



Figures 5-10 and 5-11.) This is discussed in more detail for indicators 
by Laitinen. 1 

The range of color change detectable by the human eye is 
approximately between the ratios of 10:1 and 1:10 of two colored 
conjugates. The approximate buffer ratio-pH relation of equation 
(3-7) shows that this will be a range of two pH units. Experimental 
indicator ranges are recorded and vary with the color involved. For 
example, bromcresol green has a reported range of 3.8-5.4 and phenol 
red has a range of 6.4-8.0 pH units. These are approximate. The lower 
pH change for phenol red is not commonly used and no range is 
reported for it. 



2. Separations 

In qualitative and quantitative separations, pH control is often 
vital to success. We give a few of the many possible examples. 

*H. A. Laitinen, Chemical Analysis, McGraw-Hill, New York, 1960, p. 51 (p. 49 in 
2nd ed., 1975). 
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1. Separations of metal sulfides can be effected by pH control. 
The product of K r K 2 for the diprotic acid H 2 S [equation set (5-1)] 
gives the relation between the critical ion S 2- and pH: 

[S 2 -] = K,K 2 [ H 2 S]/H 2 

In saturated solution at room temperature, H 2 S is about 0.1 M. Thus, 
putting in the K values as well, we obtain 

[S 2 “] = 10' 22 /H 2 

for the conditions often used in precipitation. Note that we use only 
approximate figures because we are comparing large solubility 
differences under a variety of conditions of temperature and ionic 
strength. For the more insoluble metal ion sulfides, like Cu 2+ (group 
II in the classical H 2 S scheme), an acidity of 0.3 M H is directed. In the 
above equation, this gives [S 2 “] about 10“ 21 M, which exceeds the 
solubility products K So for 0.01 M ion solutions of these metal ions, 
which have K So below 10“ 27 while the group III sulfides, like FeS, 
have K So above 10“ 22 and remain in solution. 

2. Amino acid separations and their determinations are of great 
importance in biochemistry and medicine. Proteins can be hydrolyzed 
to produce a mixture of amino acids which were polymerized in the 
protein. Common means of investigating amino acid mixtures are by 
paper chromatography, ion exchange column chromatography, and 
electrophoresis. All depend upon the size, charge, and shape of amino 
acid molecules in the medium used. A clear picture of the effect of pH 
upon charge for the three types of amino acids is given by the compara- 
tive alpha diagrams in Figure 6-2. 

If a solution of amino acids is buffered at pH 6 for electro- 
phoresis, glutamic acid will be mainly anionic and migrate toward the 
positive pole. Lysine, and other basic amino acids, will be cationic 
and migrate toward the negative pole. Glycine, and the neutral amino 
acids generally, will be largely zwitterionic and migrate very little. 
Thus, mixtures can be separated into three groups by this method. 

In paper chromatography, the distance traveled, expressed in the 
R f fraction, depends on all the properties of the amino acid that affect 
its solubility in the moving solvent and its affinity for the paper surface. 
The pH plays some role. For example, lysine shows R f of 0.8 in a 
basic solvent, phenol-NH 3 , and R f of 0.18 in butanol-acetic acid 
media. 
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Figure 6-2. Three types of amino acids, (a) Glutamic acid, I = 0.1 M. (b) Gly- 
cine, 1 = 0. (c) Lysine, / = 0.01 M. Dotted curves, fi. Solution to Example 3 at n' 
intersection in glutamic acid. Ionic type at pH 6 indicated as HA - , HA, and 
H 2 A + for the three cases. 
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The most extensive amino acid separations can be obtained via 
ion exchange, a process which depends upon the charge and size of 
the amino acids and their functional groups. Separation into three 
groups by charge is easily done. If the solution buffered at pH 6 is 
passed through an anion exchange resin, usually in the acetate form, 
the anionic species, like the acid glutamate ion, sorb strongly while the 
rest run through. These, in turn, can be run through a cation exchange 
resin in the NH4 form, which holds the cations like H 2 Lys + , allowing 
the neutral forms to elute. 

A technique using very slow passage through long columns of 
resin with a graded series of buffers to change the pH in small incre- 
ments has been developed and automated to separate most of the 
naturally occurring amino acids from each other. 

The solvent extraction distribution of amino acids has been 
studied as a separation process by Craig. 2 In the system he used, 1- 
butanol-5 % aqueous HC1, most amino acids are in cationic forms. 
Extraction into the butanol layer is favored by larger molecules and 
by aromatic rings, as in phenylalanine, tyrosine, and tryptophane. 



3. Some Physiological pH Effects 

Life processes are largely ionic and molecular interactions in 
aqueous media. Most of the materials involved are pH sensitive and 
may change their state of protonation as pH shifts. Polymers like the 
nucleic acids (RNA and DNA) and the proteins (especially enzymes) 
may change drastically in configuration and ability to function as pH is 
changed. 

The pH of mammalian extracellular fluid is closely controlled 
by C0 2 . This gas can be lost from the lungs, removing acidity, and 
added by metabolic processes that increase acidity. The balance of 
this buffer conjugate pair, H 2 C0 3 (C0 2 ), HCOJ, helps keep the pH 
in the human arterial blood between 7.35 and 7.45. If through some 
disorder it falls to 7.0 or rises to 7.8, lethal damage results. All other 
acid-base pairs in the plasma are forced to assume the ratio deter- 
mined by the predominant pH of the carbonate system. In general for 



2 L. C. Craig, Anal. Chem. 22, 1346 (1950). 
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any conjugate pair 

KJ H = [base form]/[acid form] 

Thus, when K a is smaller than the blood H, the protonated form 
predominates and vice versa. For example, phosphates assume mainly 
the forms H 2 P0 4 and HP0 4 ~ as these ratios require at pH 7.4 (see 
Figure 5-5): 

KJ H = [H 2 P0 4 ]/[H 3 P0 4 ] = 10 -1 ' 95 /10" 7 - 4 = 10 54 
KJH = [HP0 4 ” ]/[H 2 P0 4 ] = 10" 6 8 /10“ 7 4 = 4 

KJ H - [POM/[HPOr] = 10“ 11 7 /10 -7 4 = 10“ 4 - 3 

Phosphates are minor buffering agents in blood but major ones within 
the cells. The important role of the polyphosphates and their sugar 
derivatives, especially with adenosine, is described later in this 
chapter. Their acidities are related to phosphoric acids. 

Another important system is NH 4 -NH 3 with p K° a 9.24. These 
are one product of protein catabolism. The acid ion, NH 4 , can pass 
through the kidney tubules to be excreted, another means of removing 
acid from the body. The urine pH varies from about 5 to 7.5 according 
to the momentary need for elimination of acid in the form of NH 4 and 
also H 2 P0 4 . This method, slower than respiration, depends upon 
recent diet and activity. Citric, lactic, and pyruvic acids and their 
derivatives are also metabolically important. 

Vigorous activity lowers blood pH due to metabolic formation of 
lactic acid (p K° = 3.9) in the muscles. The body reacts to acidity by 
speeding breathing rate and the removal of C0 2 from the lungs. 
Conversely, if pH rises, say by digestion of a large meal which draws 
H + into the stomach, relaxation and slower breathing are favored. 
Detailed discussion of the interpretation and treatment of body pH is 
given by Woodbury. 3 

The pH controls the precipitation of CaC0 3 in the oceans and 
the formation of the shells of crustaceans. The blood of animals is 
nearly saturated with respect to CaHP0 4 and apatite, Ca 5 0H(P0 4 ) 3 , 
the major mineral of bone. A slight increase in pH in certain cells can 
shift the H 2 P0 4 of blood to more HPO| _ and P0 4 _ to cause 
deposition of bone. 



3 J. W. Woodbury, in Physiology and Biophysics , ed. by T. Ruch and H. Patton, 
Saunders, Philadelphia, Pennsylvania, 1965, pp. 899-933. 
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These few examples are a sample of the vast number occurring 
in the study of life processes. Several of these precipitations are treated 
in detail in Chapter 11. 

4. pH Calculations for Mixtures and Polyprotic Cases 

4. 1 . Mixtures of Two Monoprotic Acid— Base Systems 

A consistent mathematical approach to all the problems in this 
section will greatly simplify these seemingly complex cases. Charge 
and/or material balancing equations will be the key, leading either to 
useful equations which are easy to solve exactly, or in some cases to 
reasonable numerical approximations. The general process is as 
follows : 

1 . Obtain an equation of linear terms involving the equilibrium 
species. Proton balance is usually the best approach, but charge and/or 
material balancing may be required in complex cases. 

2. Use the equilibrium constant expressions to eliminate in step 
1 the minor (low concentration) species, retaining H and the major 
species for which we often have good numerical approximations, the 
analytical concentrations. 

3. Solve and check for internal consistency by getting numerical 
values for all species and checking the material balances. 

Example 1. Find H in 0.10 M NH 4 HCOO solution, ammonium 
formate. This involves both conjugates of the formic acid and ammonia 
systems. We perform a proton balance as follows. Write down the 
hypothetical species added together : 

0.10 M NH 4 , 0.10 M HCOO - , H z O (assumed constant) 

At equilibrium, we have these and add the new species formed, NH 3 , 
HCOOH, H 3 0 + , and OH - . Only these are the result of proton 
transfers. Therefore, we can set the proton acceptors equal to the 
donors, a proton balance. The student should convince himself that 
it is impossible to make an NH 3 without making either HCOOH or 
H 3 0 + , and that it is impossible to make HCOOH without making 
either NH 3 or OH - . 

Step 1: 

[proton acceptor products] = [proton donor products] 
[HCOOH] + [H 3 0 + ] = [NH 3 ] + [OH] 
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This perfectly true equation contains four unknowns. We follow the 
second step to reduce it to a relation of one unknown. Substitute 
from the conditional molarity equilibrium constant expressions to 
eliminate [NH 3 ] and [HCOOH] in favor of [NH 4 ] and [HCOO], 
which we hope will remain approximately 0.10 M. First calculate 
conditional constants : 



K 0a = K° a J + /f. = io~ 9 - 24 (0.75)/0.83 = 10- 9 29 
= H[NH 3 ]/[NH 4 + ] 

K ar = = 10 _3 - 75 /(0.83)(0.775) = KT 356 

= H[HCOO]/[HCOOH] 



(Note that the different charge types have opposing effects here.) 
[NH 3 ] = K aA [ NH+]/H, [HCOOH] = H[HCOO]/K af 
Step 2. Substitute these into step 1. 

H[HCOO]/K flr + H = [NH 4 + ]K flA /H + KJH 
Solve for H, 

X„ a [NH 4 + ] + K W 1 1/2 
LlHCOO-]/K flf +l_ 

This is a complete, exact equation. To solve, we make approxima- 
tions. We use the corrected, conditional constants, and we try the 
approximation 0.10M for the major ions. Use /C w = 10 -1381 
previously obtained for 0.10 M ionic strength. We have 

_ ri 0 - 9 29 ( 0 . 10 ) + 10 - 13 81_ | 1/2 
~ (_ 0 . 10 / 10- 3 56 + 1 

In both numerator and denominator, the second terms are much 
smaller than the first terms, so we get 

H = (10 -9 29-3 56 ) 1/2 - 10" 6 ' 42 , pH = 6.42 



Note the value of holding to the exponential form throughout. This 
result checks in the first step equation. Little of the initial species 
had to react to form the equilibrium mixture in this case. Be sure to 
check : This is not always true. 

Step 3. [NH 3 ] = 10“ 3 87 , [HCOOH] = 10~ 3 - 86 . We had a 

rather weak acid, NH 4 , and a very weak base, HCOO - , resulting 
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in a solution that is slightly acidic. This is the correct H at 25°. The 
student should be able to show that the pH meter should read 6.50 
for this solution. 

Looking back to the original equation for H, we see that the 
terms we dropped as small have the effect of giving us 

H ^ ( K aA K af ) 112 

This will often give fair results for solutions of equal concentrations 
of an acid and a base not conjugate to each other. But it is necessary 
to check the full equation to be sure. 

A clearer picture of the equilibrium situation is obtained by 
making an a diagram of the systems involved. Figure 6-3 shows us that 
our major species NH 4 and HCOO” do indeed exist over a wide pH 
range with a values near one. In a contrasting case, 0. 10 M ammonium 
cyanide (pK flCN = 9.02, / = 0.1 M), we see that extensive proton 




Figure 6-3. Two monoprotic systems for Example 1, formic acid, HCOOH (solid curves), 

and ammonium (dotted). 




pH 

Figure 6-4. Two monoprotic systems for Example 1, HCN (solid curves) and ammonium 

(dotted). 
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transfer must occur to reach equilibrium : At no pH do both NH 4 
and CN~ exist together with high a values (Figure 6-4). An algebraic 
way of testing an equilibrium hypothesis is to check the pH required 
in the K a expressions for large and small fractions of proton transfer, 

HX + Y ^ X + HY (6-1) 

Using the approximate buffer equation (3-5), we get a simple relation : 

% completion, (6-1): 0.1% 1.0% 9% 50% 

H = K^X/X = 1000K„ 100 K a 10 K a K a 

H = /%HY/Y = 0.00 \K a 0.0 lK a 0AK a K a 

Applying this to our two contrasting cases gives the following sets of 
pH values : 





0.1% 


1.0% 


9% 


50% 


nh; ^ nh 3 


6.29 


7.29 


8.29 


9.29 


HCOCT — ► HCOOH 


6.56 


5.56 


4.56 


3.56 


CN - — ► HCN 


12.02 


11.02 


10.02 


9.02 



This shows that equilibrium is reached with little proton transfer 
near pH 6 for the formate, and with much transfer near pH 9 for 
cyanide. Note that equation (6-1) does not require a change in the 
ratio [NH 4 ]/[CN “], which remains 1:1 regardless of the extent of 
reaction. The relation H = (K x K y ) 112 remains valid unless the D 
terms become large. Check in the complete H equation given for 
ammonium formate in Example 1. For our 0.1 M NH 4 CN case, the 
simple equation gives a satisfactory pH of 9.15. 



4.2. Calculation in Po/yprotic Systems 



For our first example of a polyprotic case, let us look at the 
important amino acid glycine. It is a zwitterion molecule. 



+ 



O 



// 

H 3 N— CH 2 -C-0" 



symbolized HGly. It should be considered a diprotic system involving 
H 2 Gly + , HGly, and Gly - . The glycinium ion H 2 Gly + has the 
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carboxyl protonated, and Gly is the glycinate ion. The acidity 
constants are 



K\ = 10 



- 2.35 



(H)(HGly) 
(H 2 Gly + ) 



K° 2 = 10 



9.78 



(H)(Gly~) 

(HGly) 



(Older literature often contains a K b which is KjK l7 and a K a which 
is our K 2 .) 



Example 2. Find the H of 0.10 M and of 0.0010 M glycine solu- 



tions. 

Step 1. Initial species are HGly and H 2 0. Set equal the new 
species formed by gain and loss of protons (this is also the charge 
balance) 



[H 2 Gly + ] + H = [Gly ] + OH 



Step 2. Substitute from the K expressions above to get an 
equation in terms of H, [HGly], and the K' s : 

H[HGly]//M + H = K 2 [HGly]/H + KJH 



Since ionic strength should be low, we try the K° values and [HGly] of 
0.1 M in the solved H equation, 



H = 



K 2 [HGly] + K w 
_ [HGly]/Xj + 1 



!/2 pi ()- 9 78 (C 

= 0.1/10 



*( 0 . 1 ) + 10 



- 14 ' 



- 2.35 



+ 1 



1/2 



10 



- 6.08 



Step 3 : 

[H 2 Gly + ] - H(0.1)/10 -2 ' 35 = 10" 4 - 73 
[Gly"] = 10 _9 ' 78 (0.1)/H = 10- 4 - 70 

Thus, [HGly] remains effectively at 0.10 M and / is below 10 4 M. 
Note that slightly more glycinate forms than glycinium and the 
solution is acidic : Glycine is a better acid than it is a base. The old 
K b = lO- 1165 . 

For the 0.0010 M case, no terms in the H equation are negligible 
and H is lO' 6 42 . This gives a [H 2 Gly + ] of 10“ 7 07 M and a [Gly“] 
of 10" 6 36 M. Note the agreement of these results in Figure 6-2. 

An important term in amino acid chemistry is “isoelectric 
point,” the pH at which [H 2 Gly + ] = [Gly-], which permits the 
minimum migration in an electric field. The K expressions show 
that this must be exactly at H = (K l K 2 ) 112 = 10 6 06 ■ This is 
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approximately, but not exactly, the acidity of the more concentrated 
glycine solutions. 

Amino acids are important enough for us to examine the other 
two types, acid and basic cases. (See Figure 6-2.) Let us consider 0.010 
M solutions of glutamic acid and lysine : 



HOOC— CHfNHj )CH 2 CH 2 COO", H 2 G1 u 

H,Glu + , H 2 Glu, HGliT, Glu 2 ~ 
\/ \/ \/ 

p K : 2.30 4.28 9.67 

/: 0.10 M 



NH 3 (CH 2 ) 4 CHNH 2 COO“, HLys 

H 3 Lys 2 + , H 2 Lys + , HLys, Lys^ 
\/ \/ \/ 

2.18 9.18 10.72 

0.01 M 



Example 3. 0.010 M glutamic acid solution. Let us use the 
published K a values given above for 0.1 M ionic strength. (We assume 
that enough other, inert electrolytes are present to produce this.) 

Step 1. Proton balance. Note the Glu 2 “ represents 2 mol of 
proton transfer : 

[H 3 Glu + ] + H = OH + [HGlu~] + 2[Glu 2_ ] 

Step 2. Substitute from the K expressions as before to obtain 
an equation in H, [H 2 G1 u], and fC s : 

H[H 2 G1u]/K! + H = KJ H + K 2 [H 2 G1u]/H + 2K 2 K 3 [H 2 G1u]/H 2 

Let us try to get around the cubic equation by solving for H in the 
quadratic form used above. Multiply through by H, 

= IX K 2 [H 2 G1u] + 2X 2 K 3 [H 2 G1u]/H~| 1/2 
L [H 2 G1u]/X x + 1 

To make a numerical approximation, we can investigate the magni- 
tudes of the terms by making a guess for H. Figure 6-2 suggests about 
pH 3-4 for a solution having most H 2 G1 u. Also, as above with 
ampholytes, we have the approximate H = ( K l K 2 ) 1/2 = 10“ 3 29 . 
Substitution of this in the last term on the right of our H equation 
shows that term to be negligible compared to the others and we get 

H = (10 -6 ' 28 /3) 1/2 = 1(T 3 - 38 

Step 3 : 

[H 3 Glu + ] = 10 -3 38 (0.01)/1(T 2 - 30 = 1(T 3 - 08 
[HGhT] = i(r 6 - 28 + 3 38 = 1(T 2 - 90 
[Glu 2- ] = 2 x i(r 15 - 95 + 6 - 76 = 1(T 8 - 89 
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This agrees with the a diagram in Figure 6-2. An appreciable portion 
of the glutamic acid has formed H 3 G1 u + and HGlu~, so we need a 
better solution. A second approximation works well in this case. We 
correct the [H 2 G1 u] for the other ions it formed and try this value in 
the H equation, 

[H 2 G1u] = 0.010 - [H 3 G1u + ] - [HGlu - ] = 0.0079 M 

This yields H = 10 -3 ' 40 . The change is small, about 4% (in the anti- 
logs), so we may take this as a valid solution for H. 

It may be of interest to compare the graphical method of Chapter 
5, equation (5-7), 

n' = Ch/C - H/C = (0.02/0.01) - H/0.01 - 2 - 100H 

This is the same function for which plotting values are given in 
Example 1 of Chapter 5. Putting this function upon the equilibrium n 
curve of Figure 6-2 gives the correct solution directly, pH 3.40. 

The isoelectric pH where [H 3 G1 u + ] = [HGlu “] (assuming Glu 2- 
to be negligible in this pH region) is 

H = {K 1 K 2 ) 112 = 10 -3 29 



Example 4. The same procedure applied to lysine, HLys, gives 



K w + K 3 [HLys] 

1 + [HLys]/K 2 + 2H[HLys]/K 1 K 2 



10 - 9.94 



The different form results from the different charge types and proton 
species in the basic, two-amino-group case. The isoelectric pH here is 
9.95. See the Figure 6-2 correlation with a’s. 



Example 5. Next we look at the mathematics occurring in an 
important tetraprotic system, ethylenediaminetetraacetic acid, EDTA. 
The a diagram is given in Chapter 9, where its uses are investigated 
further. Find the expected pH of a standard 0.020 M Na 2 H 2 Y solution. 
For the system at 20° C and ionic strength 0.1 M, published values 
are 



H 4 Y, H 3 Y - , H 2 Y 2- , HY 3- , Y 4- 

\/ \/ \/ \/ 

pX : 2.07 2.75 6.24 10.34 

[see equation set (5-1)]. The initial acid-base species put in are H 2 0 
and 0.020 M H 2 Y 2- . 
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Step 1. The proton balance among new species produced is 
2[H 4 Y] + [H 3 Y-] + H = OH + [HY 3 ~] + 2[Y 4_ ] 



Step 2. As before, combine the K expressions to obtain substitu- 
tions for the minor new species in terms of H and [H 2 Y 2_ ] to give 



2[H 2 Y 2 -]H 2 /X 1 X 2 + [H 2 Y 2 “]H/X 2 + H 



- KJ H + K 3 [H 2 Y 2 -]/H + 2K 3 K 4 [H 2 Y 2 -]/H 2 

Extract H 2 as in Example 3, leaving some H terms which may be small 
on the right. (These terms are the two produced by two steps of proton 
transfer to and from the original H 2 Y 2_ and should be small; see a 
diagram.) This gives the H equation 



H - 



K w + K 3 [H 2 Y 2 -] + 2K 3 K 4 [H 2 Y 2 -]/HT /2 

2 [h 2 y 2 -]h/a: 1 x 2 + [h 2 y 2 -]/x 2 + 1 _ 



We can use [H 2 Y 2_ ] at 0.020 M and a guess as to H to make a first 
approximation and to see if any terms are negligible. The a diagram 
suggests pH about 4 for the pH where a 2 predominates. This makes the 
middle terms of numerator and denominator the largest ones, giving 
the approximation H = ( K 2 K 3 ) = 10 -4 5 . Using this in the full H 
equation gives a second approximation 



H = KT 4 52 



Step 3. Use the K expressions and this H to calculate the other 
species concentrations as a check on the EDTA balances : 

[H 3 Y _ ] = 3.4 x 10~ 4 , [HY 3 ~] = 3.8 x 10“ 4 

[H 4 Y] = 10- 93 , [Y 4 ~] = KT 5 ' 9 

These add up to about 3.5 % of the H 2 Y 2 so the results are satisfac- 
tory to two figures. We assumed 0.1 M ionic strength. The 0.020 M 
Na 2 H 2 Y gives only 0.06 of this. Other ions, say 0.04 M NaCl, must be 
present for these results to be valid. 

Example 6. Compare the two contrasting polyprotic systems, 
0.010 M triammonium citrate and triammonium phosphate (a hypo- 
thetical compound, as we shall see). At ionic strength 0.1 M at 25°, we 
have the following p K a values : 

for citric acid 2.93, 4.36, 5.74 

for H 3 P0 4 1.95,6.80,11.67 
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The a curves are found in Figures 5-1 and 5-5. The initial species are 
0.03 M NH 4 , 0.01 M A 3- , and H 2 0. Proton gain and loss products 
formed from these give the balance equation, 

3[H 3 A] + 2[H 2 A] + [HA] + H = OH + [NH 3 ] 

Substituting into this from the K expressions [equation set (5-1)] and 
the K a for NH 4 (10 -9 29 ) leads as usual to the complete equation, 

= r K w + K a [ NH 4 +] l 1 ' 2 

Ll + [A 3 -]/K 3 + 2H[A 3 -]/K 2 K 3 + SH^AnK^K, 

( 6 - 2 ) 

The a curves show us that NH 4 and citrate ions do exist at a near 1 
in the range of pH around 8, but that NH 4 and PO|~ cannot be 
present together in high proportions. For the ammonium citrate, 
we are led to use the initial concentrations in equation (6-2) 

H ^ (3K 3 X 0 ) 1/2 = 1CT 7 ' 28 

This checks in the full equation (6-2) and in the diagram. Figure 6-5 
shows the NH 4 diagram upon the citric acid curves. 

The superimposed a curves of Figure 6-6 show that considerable 
proton transfer must occur to reach an equilibrium pH. Indeed, for 

NH 4 + POi" NH 3 + HPOr 

we surmise that shifting our solution to the completion of this reaction 
should provide a more valid situation than the initial concentrations 
given. That is, we have nearly 

0.02 M NH 4 , 0.01 M HP0 4 ~, and 0.01 M NH 3 

If this is true, the two systems must agree in H. For NH 3 , 

H = K a [NH 4 ]/[NH 3 ] - 10 -9 29 (0.02)/0.01 = lO" 9 - 00 

We can test the consistency of this with our assumed phosphate 
distribution, almost all of it as HP0 4 - , 0.01 M. Using X 3 , K 2 , we 
have 

[PO|“] = K 3 [HPO£~]/H = 10“ 1 1 67 (0.01)/10 -9 00 = 10~ 4 67 

[H 2 P0 4 ] = H[HPOr]/K 2 = KT 4 - 20 

Thus, both neighboring species to our major HPO| _ are under 1 % 
of the [HPO| - ]. Thus, we may safely conclude that our solution is 
valid. A more satisfactory approach follows. 
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Figure 6-5. The citrate system (solid curves) and the ammonium system (dotted) for 

Example 6. 




Figure 6-6. The phosphate system (solid curves) and the ammonium system (dotted) for 

Example 6. 



Following the bound proton method used for a mixture in 
Example 3 of Chapter 5, we can write for the total acid proton con- 
centration 



C H = n A (0.01) + ai (0.03) + D = 0.030 M 

That is, the original solution contains 0.03 M acid protons on ammon- 
ium to be redistributed among species. The a diagram shows us that 
n A remains 1 in the region of interest here, i.e., phosphate has one 
proton bound to it. This requires <x 1 to be 0.67, which we saw above 
in the K a expression gives pH 9.00. The D term is negligible here. 
This result bears the interesting interpretation that the PO 4 - ion has 
acted exactly like OH - here, giving an equivalent amount of NH 3 
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by proton abstraction from NH 4 . The ammonia system then deter- 
mines the pH. Checking these results in the full equation (6-2) shows 
good agreement, giving 

H = 1.005 x 1(T 9 

4.3. Effects of pH on Reaction Rates 

In general, the rates of solution reactions are proportional to 
the concentrations of specific species. When these are participants in 
protonic equilibria, the rates will be found to vary with H. One 
example is seen in the study of ligand exchanges such as 

Co(NH 3 ) 5 C1 2+ + H 2 0 — ► Co(NH 3 ) 5 H 2 0 3 + + cr 

The experimental rate is found to depend on the concentrations of 
the complex ion and on OH. One postulated mechanism includes as 
the rate-determining (slow) step this dissociation of the conjugate 
base of the complex ion, 

Co(NH 3 ) 4 NH 2 Cl + — ► Co(NH 3 ) 4 NH^ + + cr 

The concentration of this reactive species is related to the original 
complex ion through the K a , 

_ [Co(NH 3 ) 4 NH 2 C1 + ]H _ CB H 
Ka ~ [Co(NH 3 ) 5 C1 2+ ] “ [Cpx] 

Using the usual a 0 expression for a monoprotic case and H = K w /OH, 
we obtain 

( H \ ~ 1 / K OH \ 

1 + d ° Cpx '“te .oii + J 

When OH is low enough to make the K w the major term, 

CB = [Cpx tot ]OH -KJK W 

When K w is negligible, above a certain OH, the rate becomes independ- 
ent of OH. This agrees with the experimental results for a number of 
reactions of this type. 

An examination of this behavior might be helpful in explaining 
some biochemical reactions. The a diagrams for some biochemically 
interesting phosphates are shown in Figure 6-7. One can tell at a 
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Figure 6-7. Polyphosphate systems, (a) Diphosphoric acid, 
H 4 P 2 0 7 , / = 0.1 M; 25°; pA^s: 2.5, 2.7, 6.0, 8.3. (b) Triphos- 
phoric acid, H 5 P 3 O 10 , / = 0.1 M; 25°; pK a 's: 0(?), 2.2, 2.6, 5.6, 
7.9. (c) Adenosine triphosphate (ATP), / = 0.1 Af; 25°; pX a ’s: 
0(?), 2(7), 4.06, 6.53. (d) Adenosine diphosphate (ADP), / = 
0.1 M ; 25° ; pK a 's : 2(7), 3.93, 6.44. (e) Adenosine monophosphate 
(AMP), I = 0.1 M; 25°; pK a ’s: 3.80, 6.23. 






